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ABSTRACT
In Section 1 of this thesis, a spectroscopic investigation of 
the dehydrated periodate monoanion, IOi* , is described. The electronic 
absorption spectrum of 10^  was measured in the range 210-230 nm at 
25°C in various solvents. The solvent shifts provide evidence for the 
assignment of the electronic transitions. The weak band near 280 is
•k
assigned as to a n tt transition and the intense band near 222 nm to
■k
a tt -> it transition. Hie IR spectra of the same ion in some of the 
solvents used provide some supporting evidence for the assignments of 
bands. A computer method for the analysis of two overlapping bands is 
presented.
Section 2 describes a kinetic study of the oxidation of malonic, 
tartronic, ketomalonic and glyoxylic acids by periodate under 
conditions of excess acid, hvidence is presented to show that the 
periodate and acid monoanions are the most reactive species for all 
the reactions. From the values of the activation parameters for all 
the reactive species it is deduced that formation of a cyclic 
intermediate is involved in these reactions.
In Section 3, several aspects of the oxidation of glycerol-1- 
monoacetate by periodate are discussed. Glycerol-1-monoacetate is 
a vicinal diol containing an electron-withdrawing substituent. Its 
oxidation by periodate is compared with previous work on analogous 
reactions of vicinal diols having electron-donating substituents.
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SECTION 1
SPECTROSCOPY OF I04" ION
AND
FIRST IONISATION CONSTANT OF PERIODIC ACID
1.1 INTRODUCTION
21In 1903, Rothmund and Druker reported a value for the first
22ionisation constant of periodic acid. In 1905, Giolitti and
co-workers found evidence for the second ionisation of periodic
acid. From the behaviour of periodic acid in neutralisation,
23Dubrisay postulated the presence of a third replaceable hydrogen 
atom. In 1949, Crouthamel-et*al^ reported three ionisation 
constants for periodic acid and attributed the ionisations to the 
acid H5I06. Buist'et-al^? discovered that periodate can exist in 
a dimeric form under certain conditions of pH and concentration.
In the following paragraphs, every possible periodate species in 
aqueous solution is discussed and previous results are summarised.
1 3  2Crouthamel et-al .* and McDonald found that aqueous solutions
of periodate show an absorption maximum at 222.5 nm over a pH range
of 2-7. Crouthamel et-al-showed that this absorption was
temperature dependent and assigned it to I04 . The dependence of
spectra on temperature was attributed to a hydration-dehydration
equilibrium between H^I06 and I04 . From this assumption, the
molar extinction coefficient of 10^  was determined from optical
density measurements, hence the concentration of this species in
solution at various temperatures could be estimated. Crouthamel
et.al-showed that aqueous periodate solutions obey Beer's law in
the pH range 1 to 10.5 and over the spectral region where
appreciable absorption occurs. So these workers discounted
dimerisation. However, their experiments were done with low
periodate concentrations. The following equilibria were postulated
Thus the measured ionisation constants Kx , K2 differ from 
the true constants Kx, K2, owing to the effect of the dehydration 
equilibrium. Ki and K2 are related to Ki and K2 by equations:
KX = KiCl + Kx) ; K2 =
Crouthamel assigned values to 
for the reaction:
Hi* 10” 6 — ^  10," + 2H20 
was found to be +10.9 Kcal mol 1.
Kustin and Lieberman^ studied tlie kinetics of the dehydration
of periodate monoanion using a temperature jump method. Kren,
5 “iDodgen reported a value of 14.0 Kcal mol for the enthalpy of
hydration-dehydration equilibrium in a temperature range of 2-18°C
by means of a nuclear magnetic resonance technique. They further
evaluated the equilibrium constant of the dehydration reaction in
the temperature range studied.
The hydration-dehydration concept is also consistent with the 
rapid rate of oxygen exchange between water and periodate. This 
has been shown using labelled water mid by means of an 180 NMR 
technique. ^
K2
c T T ^ j
K2, K3 and K . Also AH,
X
7 8Siebert and Chantry, who studied the Raman spectra of Nal(\
solutions, confirmed the presence of I04 as the major monoanionic
9 24periodate species. Siebert and Kyrki found that the IR spectrum 
of a solution of NalOi, in D 20 showed only one band (at 850 cm *) 
and no bands that could be associated with I-OH bending vibrations.
In general, it is apparent that at temperatures around 25°C in
solutions containing monoanionic species predominantly, the
hydration-dehydration equilibrium is weighted heavily in favour of
the dehydrated anion IOi, . It also appears from quantitative
investigations that the hydrated form of the monoanion becomes
10 5significant in solutions at lower temperatures. , Thus the 
postulate that the 222.5 nm UV band is due to I04 rather than 
Hi, 10 6 is generally accepted.
Very recently, employing relaxation techniques for the studies 
of periodate systems in acid solutions, Holloway‘S  concluded that 
two routes contribute significantly to the hydration-dehydration 
process in the range pH 1-5. The first one is from H5I06 (ortho- 
acid) to IOi, via H3IO5 (penta co-ordinated meso-acid) and its 
monoanion as steady state intermediates. The other pathway is that 
between the hydrated and dehydrated monoanions of H5I06, with H2I05 
as the steady state intermediate. The latter route, he suggested,
I0„~ + H+ + 2H20
is the only significant one above pH of 3, but the former pathway 
becomes significant at lower pH, although there is no evidence to 
show its predominance at any pH employed.
h 5io6
1
Hi,IOg + H
H3IO5 + H 20
H2I05 + H  +. H20
Evidence for the dimerisation of periodate in alkaline solutions
15was first discovered by Buist and Lewis, who found that a shift in 
the UV spectrum occurred with increase in periodate concentration.
The change in the IR spectra of periodate solutions at pH 9 with 
temperature also indicated the formation of dimeric form of 
periodate. Undoubtedly, interference by dimeric periodate species 
has been a major factor in the inconsistencies of earlier studies of 
periodate at higher pH. The dimerisation constant was measured by 
Lewis'^ and Hippersori^ in the pH range 8-12 and the temperature 
range 1-70°C. Raman and IR spectra investigations showed that the
If  —
dimeric ion is H2I2O i0 over the pH range studied. The AH of 
dimerisation equilibrium also was reported. The dimerisation 
equilibrium can be represented as:
K
2HI052~ - P - H2I2Oio‘i~
In the crystalline state, H2I20j04 is known to consist of two 
octahedral groups with an edge in common, i.e. two of the oxygen 
atoms are shared between two iodine atoms.
From the studies of the equilibria between periodate anions,
Crouthamel suggested H3I062 for the structure of the periodate
12dianion. Souchay and Hessaby, deduced that the dianion was
2 —  2 —
present as HI05 or H3I06 from solubility studies of dilithium 
periodate solutions. In their work the possibility of dimerisation 
was ignored. In concentrated solutions of periodate, at higher pH
Q 2"*
values, Siebert reported that H3I06 could not be detected which
could only be explained by the formation of a dimeric species.
13Later on, Buist and Hipperson, proposed that the dianion is 
H3I0g2 only, and they determined the second and third ionisation 
constants of periodic acid by extrapolation procedures to eliminate
the effects of dimerisation. They suggested that any dehydration of
H3I062 to HI052 is unimportant. However, in his recent studies,
11Holloway established that the dianion exists in both hydrated and 
dehydrated forms.
3 —
For the structure of periodate trianion, both H2I06 and its
3 —
dehydrated form of I05 seem possible. For the third ionisation 
constant of periodic acid, Crouthamel,^ from spectrophotometric
—  1 5 —  1
studies, indicated a value of about 1 x 10 mol £ whereas the 
value obtained by Shiner"^ was 1 x 10 12 mol £ 1. Recently, Buist 
et-al^ also reported a value of 1 x 10 12 mol £ 1. The latter 
workers investigated the structure of the periodate trianion in 
aqueous solution using IR spectroscopy and suggested that the probable
3 —  3 —
structure is H2I06 and any dehydration to I05 is unimportant.
However, from the analysis of data from the relaxation studies at
11higher pH, Holloway showed that the dehydrated mesoperiodate
3 “
trianion (I05 ) predominates over the orthoperiodate trianion
(H2I063 ). In general, the periodate system in alkaline solution is:
h 3io62" * = — — * HI052_ + H20
H2I06 3" + H+ I053" + H+ + H20
and
2HI0.52'^— - H2I2O104“
All the known equilibria between hydrated and dehydrated monomeric 
periodate species in aqueous solution are shown in Fig. 1(a).
o
CM
X
CM
o*
+
X
O
CM
X
CM
+
o
CM
X
ID
O
CO
X
X
o
CM
X
b”
CM
X
i£)
4-
X
CM
+
m o «£>*
CM
X
--
♦
It LO
O
X
+
X
CO
O
CM
X
III ID
O
o* 11 . ' I  . ' I  .“ 11
Q  X  
LU O
5  ^
X  Zj
P  °
X ^
LU
Q  CO 
ID 
O
Q  £:
LU
y—.
<  if) 
x  UJ
0  o
>  LU 
X  0. to
x  LU 
LU Hr
LU X  
CQ if1
cti
r—I
0H
a•HPH
CD
O
ID
X
+
X
+
X
CM
+
X
CO
<
X
+ •f + CQ
o* 1 CD
C4
it: II CD
(O
CM
* III CD _ j
O ____ ^ o _^ O 3
m t
X
<'C"* CO
X
CM
X
a
LU
CJ
cr
o
x
1.2 THE AIM OF PRESENT WORK
The aim of present work was
(a) to determine values of the first ionisation constant of 
periodic acid at different temperatures;
(b) to study the IR and UV spectra of 10^  in different 
solvents.
To be able to discuss the solvent effect on the spectrum of 
101* , a brief summary of the types of electronic transitions observed 
in related inorganic molecules and ions is given.
McGlynn and Kasha predicted that many inorganic molecules
containing oxygen or sulphur should exhibit n tt* transition at 
25
longer wavelengths. According to them, molecules or ions like 
AsOu3 , Ci<\2 , MnO,j , Re04 , Cr0,t2 , OsO^, RbO^ , RbO^2 should 
exhibit strong n t t *  bands ( e  > 1000), while molecules or ions like
N03“, C032~, CS32", Si032", S03, Br03", I03", S032" should exhibit
26weak n -* t t *  bands (e < 50). Halmann and Platzner concluded that 
ultraviolet absorption bands of anions in solution are due either to 
intramolecular electronic excitation (n t t *  and t t  t t *  bands) or to 
'charge-transfer-to-solvent' (CTTS), and they introduced a method 
to distinguish between intramolecular electronic excitation and CTTS.
The dependence of electronic spectra of inorganic molecules on 
the properties of the solvent molecules has been used frequently to 
establish an empirical classification of the type of transitions
77 90 7Q 7Q
involved. * McConnell and Kasha developed methods to
identify the type of transition involved in inorganic anions, using
the shift of spectra in various organic solvents. Recently,
31Strickler and Kasha have presented data on the effects of different
solvents on the near ultraviolet electronic spectrum of nitrite ion.
In their studies, solvents of different polarity were employed. The 
measured band shifts and intensities provided evidence for the 
assignment of electronic transitions of this anion. The two weak 
bands near 360 and 280 nm were assigned to n -* ir* transitions, and 
the intense band near 210 nm to a ti /i * transition. Their 
conclusions are in agreement with previous results on crystal spectra 
and with theoretical calculations.
A general treatment of solvent effects on electronic spectra has
32been given by Bayliss and McRae. They classified the band shifts 
of spectra according to the properties of the solvent and solute 
respectively. To be able to understand the band shifts, the different 
kinds of interactions involved between solute and solvent have to be 
considered. They found the solvation energy to be the main factor 
in determining the nature of interactions operating between solvent 
and solute. Solvation energies depend on various types of inter- 
molecular interactions such as dipole-dipole, dipole-polarization, 
dispersion and hydrogen-bonding forces. Since the configuration, 
charge distribution and dipole moment of the solvated excited state 
is different from the ground state, the energy of the solvated solute 
in an excited state is different from its ground state value. It is 
needless to say that the dipole moments of both solvent and solute are 
equally important in the interpretation of the electronic spectra. An
extensive study on the variation of the solvation energy with dipole
33moment has been given by Pauling. To the extent that the size, 
charge distribution, geometry and dipole moment of the solute 
molecule are different in the excited state, the configuration of the 
solvent cage in equilibrium with the excited state is different from 
that of the ground state cage. At the instant of the formation of
excited solvated state, i.e. when it is in what is called the Franck- 
Condon state, the excited solute molecule is momentarily surrounded 
by a solvent cage whose size and orientation are appropriate to the 
ground state. The equilibrium excited configuration is only reached 
subsequently by a process of relaxation, which requires at least
—  1 3
several molecular vibration periods (^10 sec) as far as
readjustment for size is concerned, and a time of the order of
10 11 sec if a readjustment of the solvent orientation is required.
The lifetime of the excited state is known to be of the order of 
-  8
10 sec, which is ample for equilibrium with the solvent to be 
established before deactivation eventually occurs. The Franck-Condon 
excited molecule and its solvent cage are thus in a state of strain 
whose energy is necessarily greater than that of the solvated 
excited equilibrium state, and the excited state solvation energy is 
less than the equilibrium value.
At this stage, it is convenient to relate the frequency shift of 
an absorption spectrum in solution to the solvation energies of the 
solute in its ground and excited state. If these are S' and S" 
respectively, it is obvious from Fig. 1(b) that the energy displacement 
AE = E(soln)-E(gas) is given by AE = S"-S', S being taken as positive 
if the energy of the solute is decreased in solution. Fig. 1(b) 
shows the energy diagrams for a condition where both solvent and 
solute are polar. This is a solution spectrum when dipole-dipole 
forces are dominant between solute and solvent. In the case of 
diagram (A)., the dipole moment of the solute decreases on 
excitation. As shown in the diagram, the solvation energy of the 
excited state of the solute is less than its ground state. In this 
situation the electronic excitation energy is increased considerably, 
in comparison with its gaseous state and a blue shift of the band is
Figure 1(b)
Formal Diagram of the Effect of the Solvation Energies 
S1 and S" on the Relation Between the Absorption Energies in 
the Gas State and in Solution in Different Conditions
(A) (B)
Gaseous Excited State „ . .-------  Equilibrium
E(gas)
S ’
Franck-
Gaseous Ground 
State \
__ State 
london State
E(soln)
Solvated Ground State
E(gas)
E(soln)
expected. Similarly, diagram (B) shows a situation where the dipole 
moment of solute increases on excitation. The solvation energy of 
the solvated excited state is increased in comparison with that of 
ground state. Hence, the energy gap between two states becomes 
smaller compared with the gaseous state. This is the condition where 
the energy of excitation is reduced and a red shift of the band is 
expected.
The absorption spectra in non-polar solvents (in extreme cases 
with zero dipole moment) generally retain most of the features of 
the gas phase spectra and the position and intensity of absorption 
maxima are scarcely affected. In general, when the dipole moment of
solvent is increased, the solvation energy both in excited solvated 
state and in its ground state is increased. In the case of diagram (A) 
in Fig. 1(b), since the solute molecule has a decrease of dipole 
moment on excitation, the solvation energy of the excited state is 
expected to be less than that of the ground state when the solvent has 
a higher dipole moment. So, in every change to the solvent, the energy 
gap becomes bigger and a blue shift is observed. The reverse situation 
can be deduced for that of diagram (B). In this system, as the dipole 
moment of solvent is increased, a red shift is expected.
The effects of various solvents on the positions of the t t  -*■ t t *  
and n.-*-'.Tr* bands of polar molecules and ions have been studied. In 
general, the t t  + t t *  band shifts to lower frequencies, that is a red 
shift and n -*• t t *  band shifts to higher frequencies, that is a blue 
shift, with increase of the dipole moment of the solvent. But all 
n - > - t t *  transitions do not necessarily give rise to red shift bands, 
e.g. 2600 X band of C6H6, 2100 X of N02~ and 2000 X of N03" ,35 The 
details of the nature of the solvent effects on the t t  + t t *  and n t t *  
bands of nitrate and nitrite ions have been reported by Kasha and 
Strickler. Their results for nitrite ion will serve as an exanple 
for the situation where a blue shift is observed in t t  + t t *  transition. 
In their spectra in different solvents, it is seen that the weak 
n -> t t *  band shifts to blue in the hydrogen-bonding solvents when 
compared with the spectra in the more inert solvents. This occurs 
because the lone pairs of electrons on the oxygen atoms of the ion 
form hydrogen-bonds with the hydrogen atoms of the solvent molecule.
The formation of the hydrogen bonds lowers the energy of n orbitals 
localized on the oxygen atom of nitrite ion. In the excited state 
of n t t *  transition, the hydrogen bond is almost completely broken 
or, at least, is weakened. Therefore, the energy of the n - * - t t *
transition must increase in the presence of hydrogen-bonding solvents. 
The t t  t t *  band also shows a blue shift in hydrogen-bonding solvents. 
But in nitrite ion, as in most inorganic anion containing oxygen, the 
highest filled TT-orbital actually has the nature of a non-bonding 
orbital, since it is completely localized on the oxygen atoms. The 
t t  +  t t *  transition would have to remove an electron from the oxygen 
atoms in the same way as an n -* t t *  transition, so a blue shift of the 
band is expected in hydrogen-bonding solvent. As it is seen, the one 
electron transition from the highest occupied t t -orbital to the lowest 
vacant TT-orbital, which is considered to be responsible for the t t  t t *  
and n -> t t *  bands in N02 , is a so-called intramolecular charge transfer 
transition, accompanied by a charge displacement. The excited state 
of these transitions is less polar than the ground state. This is the 
situation where the blue shift of bands, as the polarity of the solvent 
increased, is expected.
In the UV region, the dehydrated form of monoanionic periodate 
shows two overlapping bands, one of which appears as a small shoulder 
on the main band. Because of this shoulder on the main band, the 
situation is different from the 'routine way of investigation of 
solvent effects on the electronic transition spectra of molecules.
A computer method was used to analyze the two overlapping bands and . 
obtain the spectral data for each of them separately.
The UV spectrum of the periodate monoanion in water, as discussed 
previously, is generally accepted to be due to the dehydrated form 
10  ^ . But the presence of some hydrated periodate monoanion at the 
temperature of experiment could not be completely ignored. For that 
reason, a correction was made for the small amount of H4I06 present. 
This was achieved by the study of spectra at different temperatures
and the use of a graphical method for the determination of the limiting 
extinction coefficient.
For the study of the ion in non-aqueous solutions, a periodate 
had to be prepared that was soluble in the solvent studied. Tetra- 
ethylammonium periodate was found to be suitable for this purpose.
For further study, NMR spectra of the compound in some of the solvents 
were obtained and the results are discussed separately.
1.3 FIRST IONISATION OF PERIODIC ACID
1.3.1 Spectrophotometric Determination of the First Apparent 
Ionisation Constant at Different Temperatures
The method used is based on a standard spectrophotometric method 
for the determination of ionisation constants. The details of 
experiment,instrumentation and composition of the solutions employed 
are given in the experimental part of this section.
1.3.2 Theory
The first ionisation of periodic acid can be represented as 
follows:
H5I06 -Per + H+
where Per represents all periodate monoanionic species.
[Per] = [lO,'] + [H„I06‘] (1)
The classical (apparent) first ionisation constant for periodic 
acid is given by the equation:
[Per] [H+]
Ki = -------  (2)
[Hsio6]
The total concentration of the periodate in acidic solution can 
be represented as follows:
[Per] = [Per] + [H5I06] (3)
where[Per] represents the total concentration of periodate and [Per] 
and [Hs 10J belonging to those of monoanions and undissociated acid 
respectively. Applying Beer's law to each of the species and
introducing their extinction coefficients one gets:
e[Per] = e [Per] + e°[H5I06] (4)
where 0 , e and e° are the molar extinction coefficient for total 
periodate monoanion, and undissociated acid respectively. Thus 
combining, eqn (1) with eqn (2), and substituting into eqn (4) 
the following equation may be derived:
+ — l— z (5)
A - A A - A0 [H+] A  - A0
where [H+] represents the hydrogen ion concentration. Here A0 and A
represent the optical densities of undissociated and monoanionic
species respectively and A belonging to that of total periodate in
1 - 1solution. Hence a plot of     against -j— fT gives a straight line
- A - A° LH J ^ -j
of slope   and intercept o f ------
A - A0 A - A°
1.3.3 Results
Values of Kx at an ionic strength of 0.200 and different 
temperatures are given in Table 1(1). This shows a summary of the
variation of Ka with temperature. Some examples of the graphs of
1 1 ------ against — —  are given in Figs. 1(c) and 1(d).
A - A0 [H ]
The van't Hoff reaction isochore was used for the determination 
of AH of the first ionisation constant. The obtained value of AH is 
shown in Table 1(11) as well as, for the comparison, with those 
reported in literature. The measured value of AH applies to the 
following reaction
H5I06 v ■ - Per + H+
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which can be split up into two reactions:
H5I06 '-------Hh I06 ~ 4- H* (a)
Hi,I06~ ■- ~ I0H~ + 2H20 (b)
10Crouthamel et al, as it was discussed previously, proposed that 
the AH for the equilibrium (a) is very small, hence the measured AH 
is mainly due to the AH of reaction (b).
For the spectrophotometric determination of the first-ionisation 
constants a computer program has been written. The determined data, 
for the first ionisation constant of periodic acid, was refined using 
this computer program. The list of the program is given in Section 5 
in Computer Program No 1.
TABLE 1 (I)
The Values Obtained for the Spectrophotometric 
Determination of First Ionisation Constant of 
Periodic Acid at Different Temperatures
— 3
I(ionic strength) = 0.200 mol dm 
[Per] = 1.0 x 10”\nol dm”3
(K1)c x 102
No
X
Wavelength
nm
Ionisation Constant mol £ 1
25° 35° 45° 50°
1 215 4.16 4.78 12.82 16.82
2 220 4.30 4.70 11.52 12.00
3 225 4.24 4.80 9.84 14.12
4 230 3.57 6.58 13.34 14.23
Mean (RI)C = 4.1 x 10~2, 5.2 x 10~2, 11.9 x 10~2, 14.3 x lO-2
TABLE 1 (II)
A Comparison of Values Obtained for the 
Enthalpy of First Reaction
No
AHd
Enthalpy of Ionisation 
Kcal mol 1
Reference
1 9.85 ± 1 Present
work
2 10.9 Reference
No 10
1.3.4 The Calculation of Absorption Correction for the Dianion
Periodate Present in the Solutions for the Spectrophotometric 
Measurements of the Ionisation Constant
For the solutions containing no added acid, the absorption 
correction due to the small proportion of dianionic form of periodate 
present should be considered. For this purpose the overall 
absorption of the solution is calculated taking into account the 
small concentration of periodate dianion which is present. Then, the 
calculated and measured absorption values can be compared.
Considering the following relations:
and
and
|Per| = [Per] + [Per ]
e[Per] "■= e [Per] + e2*[Per2 ]
A ’ = Measured Absorption = e[Per]
CD
(2)
(3)
A ’ = e [per] + e 2"[per2 ] (4)
the following equation can be derived: 
A' - e 2"[Per2"]
(5)
[Per]
and the corrected absorption can be expressed as:
A = Corrected Absorption = e [Per] (6)
By substituting eqn (5) into eqn (6), the final equation can be 
obtained:
{A' - e 2 [Per2 ]} [Per]
A = ----------- :---------  (7)
I Per I
In all these equations e, e , e z~and [Per], [Per], [Per2 ] represent
the molar extinction coefficients and concentrations of total periodate,
monoanion and dianionic form respectively. Considering the first and
second ionisation constants and the total periodate concentration of
solution, the values of [Per ], [Per2 ] and [Per] can be obtained.
2-
The values of e are obtained through a graph of variation of the
molar extinction coefficients of periodate dianion with wavelengths at
17required temperature. The results of calculation are recorded in
Table 1 (III) at 25°C. It is shown that the difference between 
corrected and measured absorption is insignificant.
TABLE 1 (III)
The Data for the Comparison of Corrected 
and Measured Absorption at 25°C
jfo
A
Wavelength
nm
2-e
Mol-Extn-Coeff* A A* A-A’Absor. Absor- Absor.dmd mol-1 cm-1
1 2 1 0 7350 0.6905 0.6910 -0.0055
2 215 6416 0.8671 0.8660 +0 . 0 0 1 1
3 2 2 0 5400 0.9920 0.9900 +0 . 0 0 2 0
4 2 2 2 5340 0.9569 0.9550 -K).0019
5 225 4530 0.9292 0.9260 +0.0032
6 230 4300 0.8007 0.7990 +0.0017
7 235 3700 0.6332 0.6320 +0 . 0 0 1 2
8 240 3300 0.4606 0.4590 +0.0016
9 245 2800 0.3152 0.3150 +0 . 0 0 0 2
1 0 250 2 2 0 0 0 . 2 0 2 0 . 2 0 2 0 0 . 0 0 0 0
1.4 SOLVENT EFFECTS ON THE UV AND IR SPECTRA OF I04
1.4.1 Determination of Limiting Molar Extinction Coefficient of 
Periodate Monoanion in the UV Spectra of Aqueous Solution
The correction for the presence of H4I06 was achieved by measuring 
the spectra at different temperatures, and using a graphical method for 
the determination of the limiting extinction coefficient due to I0 4 only.
(a) Theory
If the total absorption of periodate in solution to be shown by A,
then
A = A + A , m d
A = em [HaO"6] + ed[lOr] (1)
where e , e , and [Hu 1 0 6], [1 0 . ] represent the molar extinction co- 
efficients and concentrations of hydrated and dehydrated forms of periodate 
monoanion respectively. We assume that and are temperatrue indepen­
dent. As far as e^ is concerned, this assumption is supported by the work
■z
of Crouthamel-et-al, which shows that the extinction coefficient of the 
periodate monoanion, i.e. H 4I06 + I0 4 , approaches a limit as the
temperature is increased. The dehydration constant is given by the reaction
K ,
H4 I0_ 6 I04” + 2H20
and
[ro. ]
Kj =  —  (2)
d [Hi, 10 6]
By substituting eqn (1) into (2) one gets:
A = [10.']
re' Hi (3)
The sum of the concentration of all periodate monoanionic forms can 
be shown by the relationship:
[Per-] = [lO*-] +
[lO."]
K
(4)
By substitution of [iOi, ] into eqn (3), the following equation 
can be obtained:
A
[Per ]
1 +
(5)
K
Above ca 20°C em/Kd is negligible compared with e^ , so eqn (5) can be 
simplified to:
A
ed[Per‘]
1 + K
(6)
i.e.
[per'] x x
A ed edKd
(7)
The van’t Hoff reaction isochore can be written for Kj as
LnK ah
RT
+ C
i.e.
Kd = 3 e
AH
RT
(8)
where C and 3 are constants.
Substitution of (8) into (7) gives:
- = —  + --------- (9)
e ed AH
RT
edBe
where
[Per-]
A
Let
_ AH 
RT
X = e
1 1then a plot of — against ^ , at different values of T and fixed
£  A
1
wavelength, should give a straight line with intercept —  .
ed
(b) Results
Because of the different values proposed for AH of formation of 
IOtj" in aqueous solutions, it was not possible to rely on one value only. 
To avoid this problem, all the values reported for AH were taken into 
calculations in one wavelength and the results were compared. The results 
are shewn in Table (XIX) on page 58. As shown in this table, there is 
not much discrepancy between the values obtained for e^ at different 
AH values. For the final calculations an average of the most reliable 
values of AH was used. The same procedure was used in the case of 
deuterium oxide as the solvent. Typical examples of the graph of ^  
against i are shown in Figs. 1(e) to 1(f). The spectra of periodate
Figure 1(e)
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Variation of the Spectrum of the 
Periodate Monoanion with Different Temperatures
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monoanion in water at different temperatures are given in Fig. 1(g).
The result of all calculations and experimental data for the absorption 
of periodate monoanion in water and deuterium oxide are given in 
Tables 1 (XV) and ] (XVI) respectively, in the experimental part of this 
section. The data for the graphical determination of values are 
given in Tables l(XVII) and 1 (XVI1 1) in the experimental part.
1.4.2 Mathematical Analysis of Overlapping Bands in 
Electronic Absorption Spectra
The spectrum of 10^ in the UV region consists of two overlapping 
bands. The minor band appears as a shoulder on the main one. Spectral 
data for each of them was required. For that reason, a new method of 
resolving overlapping absorption bands is described. The method gives 
the individual peak positions, heights and widths.
(a) Theory
A general equation for a Gaussian shaped band is:
Y = ae
2
Ln2
i.e.
log Y = log a-0.3010
The above formula can be used in the analysis of two overlapping 
bands for electronic spectra. The applicability of this relation to 
the electronic transition bands requires the adaptation of the standard 
spectroscopical symbols into the equation, so the following symbols are 
assigned:
Y = e(molar extinction coefficient)
X = v (wavenumber)
2b = Width of band at half its height
a = Maximum absorbance (ema3CD or height of peak
Considering the above assignments, then the equation can be 
changed to:
log e = log(e ) -0.3010 & max'
The values of maximum absorbance, half width and position of the
main band can be estimated from the observed spectrum. From these
values, the calculated values for e (extinction coefficients due to
the main band only) can be determined using the formula mentioned
above. Then, by assuming that the absorption peaks are Gaussian
shaped as a function of wavenumber v, the calculated values of e
7 m
against v give rise to the first approximation for the main band in 
the region where it dominates the minor band. Then, wherever the 
calculated values of em do not agree with observed overall ^Q^ st a 
plot of e0bs”£m against v, in a region where the shoulder dominates 
over the main band, give rise to the first approximation for the minor 
band. Similarly, from the data available for the minor band, the 
second approximation for the main band can be obtained. This process 
was repeated until the values obtained for the spectroscopical 
parameters remained constant.
(b) Results
A typical example of the band analysis is shown in Fig. 1(h) 
in the case of acetonitrile as the solvent. The observed and 
calculated values of molar extinction coefficient are shown on the
n g m e  J. m  )
The Electronic Spectrum of Dehydrated Periodate Monoanion 
in Acetonitrile with Analysed Bands
O Calc.
• Expt.
 Analysed Bands
180 200 220 240 260 280 300 320
A (nm)
same figure. The data for this diagram are given in Table 1 f'XX ) in 
the experimental part of this section. The overall results of the 
experimental, as well as computed, are given in Tables 1 ( XX ) to 
l(XXVI).
A computer program was devised to analyze two overlapping bands 
using the above procedure mentioned here. The aim of the program 
is primarily to resolve the two bands and to find the data for the 
best Gaussian curves through the experimental results submitted.
From there, the computed spectroscopical parameters are obtained 
for the resolved bands. Good agreement was found between calculated 
and experimental data by using the computer program, and the standard 
deviation was calculated for each solvent. The results for all 
solvents under study are listed in Tables 1 ( yx ) to l(XXVI). The 
Computer Program No 2, for the analysis of overlapping bands of 
electronic spectra, is listed in Section 5 with a typical example 
of input and output data.
1.4.3 Results and Discussion
(a) All the parameters resulting from the computer analysis of the 
overlapping electronic spectra of I(\ in different solvents are 
recorded in Table 1 ( IV). All the results have been obtained from 
experimental data at 25°C. The Table 1 ( V ) shows the IR spectra 
obtained in different solvents. The experiments were carried out 
at room temperature in the case of IR spectra.
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TABLE 1 ( V )
The Effect of Solvents on the Infrared Spectra of IOt*-
Solvent V Av 6
e*
Dipole momt 
of solvent
Debye
-1cm -lcm DielectricConstant
Solid 850 0 . 0 0 0 . 0 0 -
CHC£ 3 845 5.0 4.806 1 . 0 1
c2h5oh 849 1 . 0 24.30 1.69
d2o 850 0 . 0 0 78.84 1.87
c h3cn 848 2 . 0 36.25 3.92
In order to explain the solvent effects on the electronic 
transitions, several factors should be considered such as (a) the 
hydrogen-bonding between solvent and solute molecules, (b) change of 
the polarity of the solute ion in its excited state, and (c) the 
change of dipole-dipole interaction forces in the excited state as 
compared with those in the ground state.
In a series of studies in the case of N02 and N03 it was 
shown that the hydrogen-bonding nature of the solvent plays an
31 35important role for the band shifts in tt it* and n it* transitions. 9 
It was discovered that as the solvent is changed from acetonitrile 
as an inert solvent to water, being a strong-hydrogen-bonding solvent, 
a considerable blue shift was observed (~ 720 cm 1). In the case of 
10^”, as it is seen from Table 1 (IV), hardly any shift is observed 
passing from acetonitrile to the water for both bands. So the hydrogen- 
bonding effect on the shifts of the electronic transitions band 1 0 ^
can be discounted. The lack of hydrogen-bonding effect is also 
consistent with IR spectra of the same solvent-solute systems. In 
comparing the position of absorptions inD20and CH3CN, hardly any 
change is detectable. If hydrogen-bonding was important, a bigger 
change would be expected. Among the solvents in IR spectra, only 
that in chloroform is shifted in comparison with solid state spectrum. 
This solvent has the lowest dipole moment and dielectric constant 
among all the solvents in Table 1 ( V ). The ion I04 is a weaker 
base than N02 or N03 . Therefore, hydrogen-bonding with solvent 
molecules is expected to be weaker.
It becomes obvious that, for explaining the band shifts, the 
dipole-dipole interactions between solute and solvent should be 
considered. For the sake of simplicity, we shall now discuss the 
assignment of the bands individually.
Band II. This band is characteristic of n -»■ tt* transitions 
in inorganic ions and molecules. The solvent shifts shown by the 
I(\ ion must be taken into account in making the assignment. The 
band shows a blue shift of about 800 cm 1 as -the solvent is changed 
from dioxan to acetonitrile. It is needless to say that the I04 , 
as the other inorganic ions containing oxygens, is a polar anion 
with a negative charge localized on the oxygen atoms. Each bond of 
1 - 0 of this ion has a dipole moment directed toward the oxygen.
The resultant dipole moment of the ion, which is a tetrahedral 
configuration, is zero. The electronic transition, from an 
n-orbital centered at an oxygen atom to a vacant 7r*-orbital, involves 
a charge displacement from the oxygen atom. Hence, the transfer of 
electronic charge, away from oxygen, will cause the permanent 
dipole moment of the 1 - 0 bond to be decreased in the excited state.
As a result, the excited state of this ion is probably less polar than 
the ground state. In this case, as the dipole moment of the solvent 
increases, the dipole-dipole interactions in ground state are more 
stabilized than the excited state, hence the energy of transition 
increases. This condition conforms to the diagram (A) of Fig. 1(b) 
as shown in the preceeding discussion.
Band I. This band is assumed to be due to the tt ■* 7r* transition, 
as that is the only molecular transition expected to lie at these low 
wavelengths and to have a high intensity. The blue shift of solvent, 
as the dipole moment of solvent is increased, is evident. The shift 
is similar to that found for the n -*■ tt* transition. In general, blue 
shifts of this sort are usually associated with n -*■ tt* transitions, 
while tt tt* transitions show small shifts, usually towards red.
The probable explanation of the blue shift of this band is that the 
highest filled TT-orbital actually has the nature of a non-bonding 
orbital, since it is localized on the oxygen atoms. The it ■* tt* 
transition would have to remove partly one electron from the oxygen 
atom in the same way as an nQ tt* (nQ refers to a non-bonding 
electron localized on the oxygen atom), so a blue shift of the band 
would be expected as the polarity of the solvent increased.
In the case of intensity of the bands, no conclusion can be
drawn from the variation of band e with the change of solvent.max. &
It can be seen that the variations of these parameters, in both 
bands, are rather erratic. Since the changes are not systematic, 
no comment can be made on them.
In a general study of deuterium oxide solvent effects on
26ultraviolet absorption of anions, Halmann concluded that the 
considerable blue shifts of spectra in D20 passing from H^O 
(400-800 cm *) are diagnostic of CTTS transitions, while lack of
effect or slight shifts indicate intramolecular transitions. In the 
case of 10^ , red shifts of 390.0 and 155.0 cm 1 are observed for 
second and first bands respectively. According to Halmann’s 
conclusions, neither of these bands can be charge transfer transitions.
For charge transfer bands, considerable shifts are expected as the
30
hydrogen-bonding ability of the solvents is changed. For
example, in the case of halide ions in acetonitrile,ethanol, water, 
large shifts (about 5000-6000 cm *) are observed in these spectra 
when the solvents are changed. The transition energies in the three 
solvents increase in the order acetonitrile < water < ethanol.
(b) NMR Spectra. For the further study of the behaviour of 
tetraethylammonium periodate, the NMR spectrum of the compound in 
some solvents was studied. Fig. l(i) shows the proton resonance 
spectrum of the tetraethylammonium periodate in D20. Similar spectra 
were observed for the compound in chloroform and also tetraethyl­
ammonium chloride in D20. The spectra show a simple quartet signal 
for the methylene groups and the protons of the methyl groups show 
the expected triplet signal but with each absorption band split
again into a triplet. The same result has been obtained by
18 19 34
Bullock, Anderson and Farlane for various tetraethylammonium
salts. They believed that, since the additional splitting of the
proton of methyl groups was insensitive to anion, solvent and
concentration, it is due to coupling with lltN (I = 1). In their
studies, the observed spectrum was in good agreement with the
spectrum calculated. The coupling constant of the
nitrogen nucleus with the protons of the methylene groups is
close to zero. However, no explanation has been given for this.
(c) Conductometric Studies. The possibility of ion-pairing in 
solutions (both aqueous and non-aqueous) of tetraethylammonium

periodate was investigated by conductance measurements. For comparison 
similar measurements were carried out on aqueous solution of sodium 
periodate. The results of conductance measurements are shown in 
Tables 1 (XI) to l(XIV) for the solution of compound in water and 
chloroform respectively. The plots of the variation of equivalent 
conductance with the /C of tetraethylammonium periodate are given in 
Fig. 1(&) and l(k) at 25°C. In Fig. 1(£), the results for sodium 
periodate are compared with those of tetraethylammonium periodate over 
the same concentration range. From the plots, it is apparent that the 
variation of conductance with concentration is linear with no evidence 
of the formation of ion-pairing in the concentration range studied.
The conductances of the chloroform solvents are low, i.e. in this 
solvent the electrolyte is weak, indicating that ion-pairs are present. 
Presumably the curvature in the conductance plot characteristic of 
ion-pairing occurs in a concentration range which is too low for 
reliable measurements.
Figure l(k)
Variation of Equivalent Conductance with Concentration of 
Tetraethylammonium Periodate in Chloroform at 25°G
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1.5 EXPERIMENTAL
1.5.1 Reagents and Materials
For the studies of periodate in aqueous solutions, 'Analar' 
grade sodium periodate (NaI04) was used without any further 
purification. For spectrophotometric studies of the solvent effects, 
tetraethylammonium periodate was used in the non-aqueous solvents.
The compound was prepared as follows.
Periodic acid was added in portions to cold tetraethylammonium 
hydroxide. Evaporation of the solution, under reduced pressure, 
left a crude solid which was extracted with hot t-butyl alcohol.
The product was precipitated with di-isopropyl ether and 
recrystallized from t-butyl alcohol. Then it was freeze-dried. The 
compound was kept over P20 5 in an evacuated desiccator for two weeks 
before use. The melting point was found to be 176-177°C (literature 
value 179°C).36
The solvents for spectrophotometric studies were as follows:
1. Deionized, carbon dioxide free water was used.
2. 99.9% D20
3. Absolute ethanol and 'Analar* grade chloroform.
4. Spectroscopic grade 2-propanol was distilled.
5. Spectroscopic grade acetonitrile was used without further
purification.
6 . Spectroscopic grade dioxan was refluxed with tetraethyl­
ammonium periodate then distilled. The reason being that 
a slight reaction was observed between periodate and 
impurities of solvent.
The hydrochloric acid and potassium chloride used in the solutions 
for the spectophotometric measurements of first ionisation constant of 
periodic acid were 'Analar' grade respectively.
1.5.2 Solutions Employed in the Measurements of the First 
Ionisation Constant of Periodic Acid
The stock solutions of KC£ and HC£ and periodate were prepared.
The solutions for spectrophotometric measurements were obtained by 
mixing appropriate proportions of the stock solutions and diluting to 
give the required ionic strength and periodate concentration. The 
reference solutions were made in the same manner but without addition 
from the stock solution made for periodate.
1.5.3 Spectrophotometric Measurements
(a) Ultraviolet Region. A Unicam SP 500 manual spectrophotometer 
was used in the determination of the pKx of periodic acid at 35 and 
40°C. Similarly, a Unicam SP 3000 automatic spectrophotometer was 
used for other temperatures. The cell compartment was maintained at 
the required temperature and 1 cm cells were used. The cells were 
calibrated, during each determination, with solvent in each.
Similarly, the Unicam SP 3000 automatic spectrophotometer was 
used in the solvent effect studies for all the solutions. A range of 
silica cells of fixed path length from 40 mm to 0.025 mm were used 
depending on the concentration of solutions and absorbance region of 
solvent itself. For the narrow path lengths a silica cell with a 
teflon spacer was used. The path length was calculated from 
interference fringes obtained when the cell was put in an infrared 
spectrophotometer. The cells were calibrated, in each determination,
with solvent in each for every wavelength chosen. The cell measurements 
were carried out at a fixed temperature of 25°C for non-aqueous solvents, 
and for D20 and H20 a series of temperatures was tried. The 
experimental as well as computed spectrophotometric data are shown in 
Tables 1 (XX ) to 1 (XXVI). Beer's law was obeyed over the 
concentration ranges employed for all the solvents studied. The Beer's 
law plots are given in Figs. 1 (m) to 1 (o). The experimental data for 
the spectrophotometric determination of periodic acid are given in 
Tables 1 (VI) to 1 ( X  ) at different temperatures.
(b) Infrared Region. A Perkin-Elmer 157G Grating Infrared spectro­
photometer was used. The experiment was done at room temperature.
A nujol mull was prepared for the spectrum of the compound in the 
solid state. For solution spectra, cells of different path lengths 
from 0.05 to 0.02 mm were used, depending on the concentration of the 
sample solution made. For this purpose, a cell with silver chloride 
windows was used. Depending on the solubility of the compound in the 
different solutions, a concentration range of 0.05 to 0.90 M was 
tried.
1.5.4 Conductometric Measurements
For details of the experimental procedure and instrumentation
20refer to the PhD Thesis by A. Alnajar. He discusses the 
different practical techniques for the conductometric measurements 
in aqueous and non-aqueous solvents respectively.
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1.6 TABLES OF EXPERIMENTAL RESULTS
Tables for the Variation of Optical Density Values with
the Concentration of Added Acid at Different Wavelengths 
in Spectrophotometric Determination of the First 
Ionisation Constant of Periodic Acid at Different 
Temperatures with I = 0.200
TABLE 1 (VI)
Temp.= 25°C
[H+]x 103 Wavelength (nm)
—  3
mol dm
2 1 0 215 2 2 0 225 230 235 240
2 0 0 . 0 0.383 0.367 0.353 0.337 0.309 0.274 0.242
95.6 0.427 0.429 0.415 0.386 0.336 0.279 0.226
47.8 0.440 0.484 0.488 0.408 0.387 0.349 0.273
23.92 0.458 0.506 0.526 0.513 0.453 0.371 0.289
14.3 0.479 0.584 0.637 0.676 0.539 0.420 0.298
9.56 0.609 0.711 0.792 0.782 0.663 0.592 0.346
0 . 0 0 0.691 0 . 8 6 6 0.990 0.926 0.799 0.632 0.459
TABLE 1 fvui
Temp. = 50°C
[H+]x 103
mol dm 3
Wavelength (nm)
2 1 0 215 2 2 0 225 230 235 240
2 0 0 . 0 0.507 0.504 0.595 0.575 0.496 0.402 0.285
150.0 0.539 0.596 0.639 0.618 0.543 0.433 0.326
1 0 0 . 0 0.557 0.657 0.717 0.689 0.611 0.492 0.357
50.0 0.613 0.784 0.823 0.768 0.643 0.482 0.359
0 . 0 0.690 0.908 1.028 1 . 0 2 1 0.898 0.716 0.526
» w
TABLE 1 (VIII)
Temp.= 35°C
[H+]x 103
mol dm 3
Wavelength (nm)
2 1 0 215 2 2 0 225 230 235 240
2 0 0 . 0 0.351 0.360 0.362 0.340 0.292 0.216 0.161
1 0 0 . 0 0.420 0.468 0.478 0.458 0.397 0.303 0 . 2 1 2
50.0 0.606 0.675 0.708 0.670 0.593 0.475 0.352
25.0 0.605 0.745 0.820 0.780 0.705 0.560 0.411
15.0 0.534 0.728 0.820 0.762 0.604 0.568 0.411
0 . 0 0 0.768 0.895 1.004 0.973 0.850 0.674 0.504
TABLE 1 (IX)
Temp. = 45°C
[H+]x I03 
mol dm 3
Wavelength (nm)
2 1 0 215 2 2 0 2 2 2 225 230 235
50.0 0.520 0.705 0.800 0.808 0.780 0.670 0.710
25.0 0.637 0.825 0.920 0.921 0.878 0.750 0.742
1.50 0.639 0.900 0.990 0.927 0.910 0.798 0.771
0 . 0 0 0.735 ” 0.945 1.038 1.040 1 . 0 2 0 0.902 0.808
\
TABLE 1 (X)
Tenq?.= 50°C
[H+]xl03 Wavelength (nm)
mol dm
2 1 0 215 2 2 0 225 230 235 240
200.0 0.507 0.564 0.595 0.575 0.496 0.402 0.285
150.0 0.539 0.596 0.639 0.618 0.543 0.433 0.326
1 0 0 . 0 0.557 0.657 0.717 0.689 0.611 0.492 0.357
50.0 0.613 0.784 0.823 0.768 0.643 0.482 0.359
0 . 0 0 0.690 0.908 1.028 1 . 0 2 1 0.898 0.716 Q.526
TABLE 1 (XI)
Experimental Data for Conductometric Measurements of 
Sodium Periodate in Water at 25°C
— _ 5
X = 5.123 x 10 ohm (Resistance of Water inside the cell)
X = Resistance of solution, ohm 
1 1k = - -y = Corrected resistance of solution
K = fl_ XX X
■, -l -i
6 . ohm cm
<5 = Constant of conductometry cell = 0.18006 cm 1
C = Molar concentration of solution 
equivA • = Equivalent conductance = ohm 1 mol 1 cm+2
No
I* 1 0 ' 5
1 1 
x"x. xlO" 5
K CxlO+lf Sc ^equiv.
1 3.622 3.427 0.6170 0.591 0.007 104.26
2 8.982 8 .787 1.582 1.52 0 . 0 1 2 104.03
3 14.92 14. 725 2.652 2.56 0.016 103.55
4 21.69 2 1 .49 3.870 3.74 0.019 103.36
5 28.16 27.96 5.003 4.86 0 . 0 2 2 103.45
6 37.62 37.42 6.738 6.54 0.0256 102.94
7 48.67 48.47 8.728 8.51 0.029 102.55
8 60.47 60. 27 10.85 1 0 . 6 0.032 102.25
9 74.67 74.47 13.40 13.2 0.036 101.98
1 0 90.96 90. 76 16.34 16.0 , 0.040 101.62
TABLE 1 (XII)
Experimental Data for Conductometric Measurements 
of Tetraethylammonium Periodate in Water at 25°C
X = 4.314 x 10“ 5 ohm
No 1x x 10
1 _ 1
IX "xj xlO
- 5 K C x 10* /C Aequiv.
1 3.954 3.722 0.6702 0.786 0.008 85.25
2 10.26 10.03 1.806 2.06 0.014 87.86
3 16.75 16.52 2.974 3.42 0.018 87.05
4 24.46 24.23 4.362 5.02 0 . 0 2 2 87.00
5 33.18 32.94 5.932 8 . 6 6 0.026 86.38
6 43.18 42.94 7.732 8.99 0.0299 85.98
7 55.98 55.74 10.03 11.7 0.034 85.54
8 70.27 70.04 12.61 14.8 0.038 85.07
9 83.42 83.18 14.97 17.6 0.042 84.78
1 0 96.84 96.60 17.39 20.5 0.045 84.48
TABLE 1 (XIII)
Experimental Data for Conductometric Measurements 
of Tetraethylammonium Periodate in Chloroform at 25°C
— — 5
X = 269.6 x 10 ohm (Resistance of chloroform)
No I x 1 0 - 5 1 _ 1 x'xj xlO K C x 10 /C
A
equiv*
1 0.0758 0.0720 0.0129 1.32 0.0115 0.9790
2 0.0421 0.0505 0.0091 1.64 0.0128 0.5551
3 0.0655 0.0617 0 . 0 1 1 0 2 . 1 1 0.0145 0.5350
4 0.0772 0.0735 0.0132 2.54 0.0159 0.5252
5 0.1294 0.1256 0.0226 4.43 0 . 0 2 1 0 0.5105
6 0.1417 0.1379 0.0248 4.97 0.0223 0.4994
7 0.1669 0.1631 0.0293 6.16 0.0248 0.4764
8 0.1878 0.1840 0.0331 7.11 0.0266 0.4656
9 0.2042 0.2005 0.0361 7.89 0.0280 0.4574
1 0 0.2261 0.2223 0.0400 8.93 0.0298 0.4482
11 0.2610 0.2573 0.0463 1 0 . 6 0.0326 0.4354
12 0.3025 0.2988 0.0538 1 2 . 6 8 0.0356 0.4243
13 0.3357 0.3320 0.0598 14.3 0.0396 0.4176
14 0.3829 0.3792 0.0683 15.69 0.0396 0.4000
15 0.4243 0.4206 0.0757 17.7 0.0422 0.3858
TABLE 1 (XIV)
Variation of pH with Concentration of Periodate in 
Conductometric Measurements of Periodate in Water at 25°C
No
Sodium Periodate
NalOij
Tetraethylammonium Periodate 
[(C2Hs)^N]I0,
Concn. 
mol dm 3 pH
Concn • 
mol dm 3 PH JC
C x 10* C x 10k
1 0 . 0 0 0 6.40 0 . 0 0 0 0 . 0 0 0 6.40 0 . 0 0 0
2 0.821 5.82 0.00906 0.238 6.18 0.0048
3 1.38 5.85 0.0117 0.820 6 . 2 0 0.0090
4 2.32 5.81 0.0152 2.64 6.16 0.0162
5 3.95 5.76 0.0198 4.25 6.14 0.0206
6 18.6 5.58 0.0432 8.91 6.05 0.0298
7 38.8 5.50 0.0623 13.17 5.96 0.0362
8 95.1 5.35 0.0975 24.9 5.80 0.0498
9 1 2 0 . 2 5.40 - 31.4 5.75 0.0560
1 0 132.2 5.22 - 49.0 5.570 0.070
The above table shows the variation of pH with concentration 
of periodate in solvent. The idea of this experiment was to see 
whether other periodate species interfere with the conductance 
measurements. As seen from the table, the pH variation is in the 
range where the periodate monoanion is dominant.
TABLE 1 (XV)
Experimental Data for the Variation of Molar Extinction
Coefficient of ICL with Temperature in Water for 
Determination of at Different Wavelengths
X 1 0 xv 1 0 2 x e
1 0 4
ed
1 0^x
Wave­
length
Wave-
number
Extinction Coefficient Limiting
Extn.Coeffdm3 mol 1 cm 1 mol cm
nm -lcm dm3mol 1 
cm 125°C 40°C 60°C
dm 3
2 0 0 50.000 29.650 28.940 28.749 3.478 28.571
205 48.780 47.100 46.843 46.444 2.153 46.479
2 1 0 47.619 69.600 68.649 69.058 1.4480 68.610
215 46.511 101.983 91.125 90.802 1 . 1 0 1 90.909
2 2 0 45.454 101.983 102.915 102.734 0.973 103.252
2 22 45.045 102.850 103.937 103.926 0.962 104.112
225 44.444 100.117 101.053 101.560 0.984 101.822
235 42.553 68.217 69.654 70.394 1.420 70.646
245 40.816 33.883 34.902 35.594 2.809 35.727
247 40.485 28.650 29.479 30.447 3.280 30.487
251 39.840 20.337 20.963 21.650 4.62 21.645
253 39.525 16.985 17.635 18.000 5.525 18.094
257 38.190 11.787 12.145 12.586 7.950 12.578
261 38.314 8.500 8.717 9.012 1 1 . 1 9.000
263 38.022 7.285 7.504 7.757 12.9 7.739
265 37.735 6.375 6.518 6.730 14.8 6.729
266 37.593 5.810 5.903 6.155 16.3 6.125
267 37.453 5.508 5.639 5.809 17.2 5.813
268 37.313 5.258 5.343 5.483 18.3 5.479
269 37.174 4.970 5.053 5.190 193 5.174
270 37.037 4.692 4.795 4.903 20.4 4.879
271 36.900 4.465 4.570 4.681 21.4 4.678
272 36.764 4.277 4.356 = 4.446 22.5 , 4.449
273 36.630 4.095 4.170 4.245 23.5 4.259
274 36.496 3.942 4.009 4.073 24.5 4.077
275 36.363 3.818 3.873 3.942 25.0 3.994
TABLE 1 (XV) (Cont)
279 35.84 3.353 3.394 3.437 29.0 3.441
283 35.335 3.020 ■ 3.054 3.054 32.7 3.274
287 34.843 2.646 2.684 2.718 36.7 2.721
295 33.898 1.975 2 . 0 2 1 2.066 48.1 2.075
296 33.783 1.767 1.817 1 . 8 6 8 53.5 1.867
298 33.557 1.625 1.675 1.722 58.3 1.716
300 33.333 1.464 1.510 1.567 63.8 1.568
303 33.003 1.242 1.348 1.433 68.5 1.459
306 32.674 1.049 1.096 1.149 87.4 1.144
308 32.467 0.923 0.974 1.024 95.7 1.044
310 32.250 0.810 0.855 0.905 1 1 0 0.903
314 31.847 0.611 0.651 0.693 144 0.694
317 31.545 0.467 0.502 0.541 186 0.537
318 31.446 0.442 0.475 0.514 193 0.517
319 31.347 0.401 0.432 0.467 214 0.467
320 31.250 0.365 0.396 0.430 232 0.430
323 30.959 0.281 0.305 0.336 297 0.336
325 30.769 0.231 0.253 0.279 358 0.279
327 30.581 0.192 0.213 0.236 423 0.236
329 30.395 0.159 0.177 0.198 505 0.198
331 30.211 0.130 0.144 0.163 603 0.163
333 30.030 0.105 0.117 0.134 746 0.134
335 29.850 0.085 0.096 0.109 917 0.109
TABLE 1 (XVI)
Experimental Data for the Variation of Molar Extinction 
Coefficient of Periodate Monoanion with Temperature 
in Deuterium Oxide for Determination of 
at Different Wavelengths
A 1 0 3 xv 1 0 2 x e
10h
ed
1 0 2 x
Wave­
length
Wave-
number
Extinction Coefficient Limiting
Extn.Coeffdm; mol- 1 cm 1 mol cm
-3cmnm cm 1 dm3mol 1,-icm25°C 40°C 60°C
205 48.780 38.969 39.572 39.793 2.491 39.868
2 1 0 47.619 63.405 64.018 64.811 1.51 65.900
215 46.511 91.222 92.911 93.188 1.07 92.800
218 45.871 104.333 104.802 105.161 0.951 105.110
2 2 0 45.454 106.808 108.113 108.887 0.904 110.500
221 45.248 111.881 112.531 112.933 0.890 112.300
222 45.045 111.839 1 1 2 . 0 0 2 112.807 0.881 113.400
223 44.843 110.975 111.589 112.777 0.880 113.600
225 44.444 120.753 1 2 1 . 0 0 0 121.053 0.833 120.041
227 44.052 104.853 105.735 105.901 0.943 106.000
229 43.668 988.001 988.353 989.200 0.996 100.400
230 43.478 95.600 96.800 97.004 1.03 97.100
232 43.103 87.700 88.623 88.737 1 . 1 2 88.900
234 42.735 77.000 79.623 79.737 1.25 79.900
236 42.732 66.700 68.257 69.104 1.42 70.600
239 41.841 55.700 56.328 56.048 1.75 57.106
240 41.666 45.90 48.187 50.967 1.89 52.900
242 41.322 438.011 499.900 45.001 2 . 2 2 44.900
249 40.160 21.40 21.487 22.440 4.42 22.510
250 40.000 18.801 19.011 2 0 . 2 0 0 4.88 20.460
251 39.840 18.25 18.302 18.400 5.41 18.470
252 39.682 15.874 16.022 16.587 6 . 0 2 16.620
253 39.525 13.300 13.206 14.119 6.73 14.840
254 39.370 1 2 . 2 2 0 12.878 13.001 7.47 13.370
TABLE 1 (XVI) (Cont)
255 39.215 10.807 1 1 . 0 0 1 11.7805 8:35 11.970
256 39.062 10.750 10.695 10.701 9.30 10.750
257 38.910 9.206 9.063 9.324 10.46 9.560
258 38.759 8.451 8.522 8.601 11.5 8.710
259 38.610 6.678 6.925 7.251 13.1 7.616
260 38.461 6.402 6.532 6.601 14.9 6 . 6 6 8
261 38.314 6 . 1 0 2 6 . 2 2 2 6.310 15.7 6.335
262 38.167 5.423 5.600 5.610 17.8 5.628
263 38.022 5.121 5.267 5.325 18.8 5.303
265 37.735 4.318 4.417 4.444 2 2 . 1 4.524
267 37.453 3.730 3.755 3.800 25.8 3.863
269 37.174 3.160 3.183 3.205 29.5 3.381
270 37.037 3.060 3.112 3.118 31.0 3.221
271 36.900 3.080 3.083 3.103 32.3 3.099
272 36.764 2.900 2.901 2.933 33.7 2.968
227 36.363 2.660 2.601 2.661 36.9 2.703
277 36.101 2.490 2.499 2.510 38.6 2.587
table i rxvin
Experimental Data for the Graphical Determination
of £j of Periodate Monoanion in Water __— $------------- :----------------
AH - 12.9 Kcal mol ^Average value of 14.80, 10.90)
X = 200 nm
No
T AH
X x 1010 i * 10-8
1 0 1*
£
Temp 2.303RT Recip*of Obs- 
Extn.Coeff.
cm mol dm 3
K
1 298 9.457 3.54 28.2 3.372
2 313 , 9.008 1 0 . 0 1 0 . 0 3.455
3 333 8.464 28.8 3.47 3.478
TABLE 1 (XVIII)
Experimental Data for the Graphical Determination 
of ej of Periodate Monoanion in Deuterium Oxide
AH = 12.9 Kcal m o r 1 
X = 205 nm
No
T
Temp
AH
2.303RT X x lO10 1 i n -8 ' X x 1
1 0 4
e
Recip. of Obs- 
Extn. Coeff. 
cm mol dm 3
1 298 9.457 3.54 28.2 2.566:
2 313 9.008 1 0 . 0 1 0 . 0 2.527
3 333 8.464 28.8 3.47 2.513
TABLE 1 (XIX)
Data for the Variation of Obtained through the 
Graphical Method with Different Values of Heat of 
Dehydration, of Periodate Monoanion in Water at 200 nm
AH 10 3 X  Ej
No Heat of Dehyd.of Periodate 
Monoanion
Mol - Extinction 
Coefficient of Dehyd. 
Periodate Monoanion
Kcal mol" 1
dm3 mol 1 cm 1
1 1 0 . 0 2.811
2 10.90 2.816
3 1 2 . 0 2.825
4 14.8 2.877
5 12.9 (Average of 14.8, 10.9 2.857
Experimental and Computed Data for the Spectra of 
Dehydrated Periodate Monoanion in Solvents at 25°C
TABLE 1 (XX)
Acetonitrile
Std-Dev.
Band I = 0.0640, Band II = 0.0488
1 0 - 3 xv
— 2
1 0 xe(exp) 1 0 2 x e(calc) £^cal eexp^ 10 2 X  £  (Band I)
10 2 X  £  
(Band II)
Wave-
number
Extn-Coeff. Extn-Coeff- Percent. 
Dev-
Extn. Coeff. Extn- Coeff
-l
cm dm3 mol 1
-l
cm
dm3 mol 1
-l
cm
dm3 mol 1
-l
cm
dm3 mol 1
-l
cm
50.00 28.74 21.855 -23.9 21.85 0 . 0 0 0 0
47.171 63.411 72.21 13.9 72.21 0 . 0 0 0 2
46.951 71.84 76.16 6 . 0 76.16 0.0003
46.510 76.10 83.19 9.3 83.19 0.0005
46.291 83.23 86.17 3.5 86.17 0.0008
45.872 90.99 90.89 - 0 . 1 90.88 0.0016
45.661 92.00 92.57 0 . 6 92.57 0 . 0 0 2 2
45.050 93.89 94.81 1 . 0 94.81 0.0055
44.643 94.56 93.99 - 0 . 6 93*98 0.0097
44.441 93.35 92.93 - 0.4 92.92 0.0126
44.255 91.92 91.47 - 0.5 91.45 0.0163
44.056 90.99 89.63 - 1.5 89.61 0 . 0 1 2 1
43.477 82.70 82.28 - 0.5 82.23 0.0142
41.501 48.42 45.50 - 6 . 0 45.19 0.0304
41.323 42.91 42.35 - 1.3 41.99 0.3508
40.821 35.00 33.63 - 3.9 33.11 0.5192
40.489 30.30 28.54 - 5.8 27.88 0.6565
40.007 22.34 22.07 - 1 . 2 21.17 0.8969
39.465 18.75 16.29 -13.1 15.08 1.214
39.211 13.95 14.15 1.5 12.78 1.372
38.762 10.98 10.89 -  0 . 8 9.217 1.680
38.203 8.006 7.891 - 1.4 5.812 2.078
37.874 6.935 6.831 - 1.5 4.571 2.260
u v j
TABLE 1 (XXI (Cont)
37.735 6.897 6.388 - 7.4 40.44 2.344
37.605 6.006 5.995 - 0.2 35.77 2.422
37.451 5.653 5.648 - 0.1 31.53 2.495
37.310 5.320 5.338 0.4 27.77 2.561
37.171 5.096 5.063 - 0.6 24.43 2.621
37.041 4.868 4.820 - 1.0 21.47 2.672
36.903 4.626 4.601 - 0.5 18.84 2.717
36.762 4.141 4.405 6.4 16.50 2.755
36.501 3.801 4.068 7.0 1.263 2.805
36.362 3.666 3.921 7.0 1.103 2.818
35.843 3.206 3.429 7.0 0.6355 2.794
35.714 3.104 3.321 7.0 0.5522 2.769
35.465 2.939 3.116 6.0 0.4154 2.700
35.216 2.763 2.921 5.7 0.3120 2.609
35.087 2.679 2.825 5.4 0.2698 2.555
34.967 2.607 2.730 4.7 0.2334 2.497
34.727 2.488 2.542 2.2 0.1740 " 2.368
34.607 2.391 3.449 2.5 ; 0.1501 2.299
34.489 2.284 2.356 3.2 0.1293 2.227
34.368 2.228 2.263 1.6 i 0.1112 2.152
34.127 ’ 2.153 2.174 1.0 0.0959 2.078
34.130 2.064 2.084 0.9 0.0825 2.001
34.093 1.979 1.995 0.9 0.0709 1.924
33.898 1.910 1.907 - 0.1 0.0610 1.846
33.783 1.836 1.820 - 0.9 0.0523 1.767
33.557 1.683 1.652 - 1.8 0.0386 1.613
33.333 1.5828 1.490 - 2.5 0.0284 1.462
33.112 1.395 1.336 - 4.2 0.0208 1.316
33.003 1.314 1.263 - 3.8 0.0178 1.245
32.679 1.114 1.058 - 5.0 0.0111 1.047
32.467 0.9745 0.9341 - 4.1 0.0081 0.9252
32.052 0.7587 0.7175 - 5.4 0.0043 0.7131
31.847 0.6661 0.6236 - 6.4 0.0031 0.6205
31.545 0.5252 0.5013 - 4.6 0.0019 0.4993
31.446 0.5000 0.4652 - 6.9 0.0016 0.4635
—  ■■=4
TABLE 1 (XXI)
Water
Std-Dev.
Band I = 0.0147, Band II = 0.0284
48.780 46.48 45.24 - 2.7 45.23 0 . 0 0 0 0
47.619 68.61 69.59 1.4 69.59 0 . 0 0 0 1
46.72 84.79 86.89 2.5 86.89 0.0006
46.512 90.90 90.42 - 0.5 90.42 0.0008
46.291 91.88 93.54 1 . 8 93.54 0 . 0 0 1 2
45.874 97.41 98.43 1 . 0 98.43 0.0023
45.451 103.25 101.3 - 1 . 8 101.3 0.0042
45.0451 104.1 1 0 2 . 2 - 1 . 8 1 0 2 . 2 0.0075
44.444 1 0 1 . 8 99.86 - 1.9 99.84 0.0165
44.424 98.07 98.17 0 . 1 98.15 0 . 0 2 1 1
43.859 93.21 93.68 0.5 93.65 0.0337
43.478 87.33 89.93 0.7 87.88 0.0522
42.735 73.55 74.00 0 . 6 73.89 0.1147
42.551 70.64 70.24 - 0 . 6 70.11 0.1373
42.014 58.49 58.92 0.7 58.69 0.2264
41.661 51.33 51.62 0 . 6 51.31 0.3062
40.812 35.72 35.45 - 0 . 8 34.86 0.5893
40.485 30.48 30.04 - 1.5 29.30 0.7378
39.840 21.64 2 1 . 2 1 - 2 . 0 2 0 . 1 2 1.0890
39.525 18.09 17.73 - 2 . 0 16.44 1.286
38.910 12.57 12.431 - 1 . 2 10.72 1.704
38.314 9.000 8.908 - 1 . 0 6.791 2.117
38.022 7.739 7.653 - 1 . 1 0 5.345 2.307
37.735 6.729 6.663 - 1 . 0 4.183 2.479
37.593  ^ 6.125 6.250 2 . 0 3.693 2.557
37.453 5.813 5.885 1.3 3.257 2.628
37.313 5.479 5.559 1.5 2 . 8 6 6 2.693
37.174 5.174 5.270 1.9 2.519 2.750
37.037 4.879 5.013 2 . 8 2.213 2.800
36.900 4.678 4.782 2 .2 1.939 2.843
36.764 4.449 4.575 2.9 1.698 2.877
36.630 4.259 4.390 3.1 1.486 2.903
36.496 4.077 4.220 3.5 1.298 2.922
36.363 3.944 4.065 3.1 1.132 2.932
35.842 3.441 3.546 3.1 0.6503 2.896
TABLE 1 (XXI)(Cant)
35.335 3.054 3.115 2 . 0 0.3675 2.748
34.845 2.721 2.719 - 0 . 0 0.2051 2.514
34.305 2.352 2.291 - 2 . 6 0.1049 2.186
33.783 1 . 8 6 8 1.881 0.7 0.0529 1.828
33.557 1.716 1.709 - 0.4 0.0390 1.670
33.333 1.568 1.544 - 1.5 0.0286 1.515
32.679 1.144 1 . 1 0 2 - 3.7 0 . 0 1 2 2 1.091
32.250 0.9030 0.8542 - 5.4 0.0059 0.8483
31.847 0.6940 0.6559 - 5.5 0.0031 0.6527
31.545 0.5370 0.5295 - 1.4 0.0019 0.5275
31.446 0.5170 0.4921 - 4.8 0.0016 0.4904
31.347 0.4670 0.4567 - 2 . 2 0.0014 0.4553
31.250 0.4300 0.4239 - 1.4 0 . 0 0 1 2 0.4227
30.959 0.3360 0.3360 0 . 0 0.0007 0.3352
30.769 0.2790 0.2867 2 . 8 0.005 0.2861
30.581 0.2360 0.2437 3.3 0.0003 0.2433
30.395 0.1980 0.2064 4.2 0 . 0 0 0 2 0.2061
30.211 0.1630 0.1742 6.9 0 . 0 0 0 2 0 0.1740
TABLE 1 (XXII)
Std-Dev- Chloroform
Band I = 0.0357, Band II =0.0197
45.454 104.0 109.4 5.2 109.4 0 . 0 0 0 0
45.045 109.5 111.7 2 . 0 111.7 0 . 0 0 0 0
44.843 111.4 1 1 2 . 1 0 . 6 1 1 2 . 2 0 . 0 0 0 0
44.642 112.5 111.9 - 0.5 111.9 0 . 0 0 0 0
44.052 1 1 2 . 1 108.3 - 3.4 108.3 0 . 0 0 0 2
43.663 108.9 103.8 - 4.7 103.8 0.0004
43.478 106.5 100.9 - 5.2 100.9 0.0006
42.553 88.38 83.02 - 6 . 1 83.02 0.0034
41.666 65.55 62.63 - 4.5 62.61 0.0142
40.816 44.88 43.86 - 2.3 43.81 0.0478
40.000 31.16 28.84 - 7.5 28.70 0.1311
TABLE l(XXir|(Cont)
39.682 23.75 24.02 1 . 1 23.83 0.1863
39.215 17.38 18.05 3.8 17.75 0.2994
39.062 15.76 16.37 3.9 16.03 0.3461
38.910 14.27 14.84 4.0 14.44 0.3975
38.759 12.92 13.44 4.0 12.98 0.4537
38.610 11.73 12.18 3.8 1 1 . 8 6 0.5144
38.314 9.725 1 0 . 0 0 2.9 9.352 0.6503
38.022 8 . 1 0 0 8.247 1 . 8 7.444 0.8037
37.735 6.800 6.681 0.9 5.890 0.9712
37.453 5.675 5.784 1.9 4.636 1.148
37.313 5.315 5.342 0.5 4.102 1.239
37.174 4.490 4.956 0.3 3.624 1.331
37.037 4.630 4.624 - 0 . 1 3.201 1.423
36.900 4.417 4.335 - 1 . 8 2.821 1.514
36.764 4.175 4.086 - 2 . 1 2.483 1.603
36.630 3.987 3.874 - 2 . 8 2.185 1.689
36.496 3.817 3.692 - 3.3 1.918 1.773
36.303 3.667 3.472 - 5.3 1.585 1.887
35.842 3.250 3.103 - 4.5 0.9868 2.116
35.335 2.960 2.840 - 4.0 0.5693 2.271
34.843 2.718 2.624 - 3.5 0.3243 2.299
34.364 2.440 2.390 - 2 . 0 0.1824 2.208
33.898 2.130 2 . 1 2 0 - 0.5 0.1016 2.018
33.444 1.822 1.820 - 0 . 1 0.5605 1.764
33.112 1.606 1.743 - 1 . 2 0.0483 1.694
33.112 1.606 1.587 - 1 . 2 0.0357 1.551
33.003 1.510 1.510 0 . 0 0.0307 1.479
32.894 1.455 1.433 - 1.5 0.0264 1.479
32.786 1.360 1.358 - 0 . 2 0.0264 1.407
32.679 1.289 1.283 - 0.4 0.0194 1.264
32.573 1.232 1 . 2 1 1 - 1.7 0.0167 1.194
32.467 1.142 1.140 - 0 . 1 0.0143 1.126
32.250 1.014 0.9999 - 1.4 0.0104 0.9895
32.058 0.8920 0.8826 - 1 . 0 0.0078 0.8748
31.847 0.7690 0.7623 - 0.9 0.0057 0.7561
31.645 0.6640 0.6565 - 1 . 1 0.0041 0.6523
31.446 0.5710 0.5616 - 1 . 6 0.0030 0.5585
TABLE l(XXHXCont)
31.250 0.4810 0.4774 - 0.7 0 . 0 0 2 2 0.4751
31.152 0.4360 0.4387 0 . 6 0.00192 0.4368
31.055 0.4070 0.4027 - 1 . 1 0.0016 0.4010
30.959 0.3670 0.3692 0 . 6 0.0014 0.3677
30.769 0.3090 0.3089 - 0 . 0 0 . 0 0 1 0 0.3079
30.581 0.2520 0.2569 2 . 0 0.0007 0.2562
30.395 0.2070 0.2124 2 . 6 0.0005 0.2119
30.030 0.1440 0.1430 - 0.7 0 . 0 0 0 2 0.1427
Std-Dev.
TABLE 1 (XXIII) 
Isopropanol
Band I = 0.0401, Band II = 0.0111
46.511 91.30 93.96 2.9 93.96 0 . 0 0 0 0
45.454 111.4 1 1 0 . 6 - 0.7 1 1 0 . 6 0.0003
44.642 116.9 113.9 - 2.5 113.9 0.0013
44.052 115.5 1 1 0 . 6 - 4.2 1 1 0 . 6 0.0036
43.103 102.5 96.18 - 6 . 2 96.17 0.0145
41.666 67.40 62.85 - 6 . 8 62.76 0.0881
40.816 46.50 43.37 - 6.7 43.16 0.2136
40.160 30.06 30.77 2.4 30.38 0.3865
39.840 25.02 25.61 2.4 25.11 0.5015
39.525 20.90 21.19 1.4 20.55 0.6363
39.215 16.74 17.46 4.3 16.67 0.7902
38.910 13.78 14.37 4.3 13.41 0.9612
38.610 11.36 11.85 4.3 10.70 1.146
38.314 9.300 9.816 5.5 8.474 1.341
37.878 7.630 7.531 - 1.3 5.888 1.643
37.735 7.000 6.941 - 0 . 8 5.198 1.743
37.313 5.650 5.575 - 1.3 3.546 2.029
37.037 5.010 4.929 - 1 . 6 2.727 2 . 2 0 2
36.764 4.500 4.439 - 1.3 2.084 2.354
36.496 4.096 4.068 - 0.7 1.586 2.482
36.231 3.792 3.781 - 0.3 1 . 2 0 0 2.580
TABLE 1 (XXII iQ(Caiit)
35.971 3.540 3.553 0.4 0.9053 2.648
35.714 3.352 3.363 0.3 0.6793 2.683
35.087 2.951 2.980 0.3 0.3256 2.634
34.481 2.577 2.570 - 0.3 0.1528 2.417
34.246 2.385 2.408 1 . 0 0.1123 2.295
33.670 1.997 1.989 - 0.4 0.0515 1.938
33.112 1.597 1.575 - 1.3 0.0232 1.552
32.679 1.302 1.268 - 2 . 6 0 . 0 1 2 2 1.256
32.258 0.9960 0.9960 0 . 0 0.0063 0.9896
31.847 0.7680 0.7630 - 0 . 6 0.0033 0.7592
31.645 0.6600 0.6205 0.3 0.0023 0.6596
31.446 0.5710 0.5714 0 . 1 0.0017 0.5697
31.250 0.4860 0.4909 1 . 0 0 . 0 0 1 2 0.4897
TABLE 1 (XXIV)
Std • Dev. Ethanol
Band I = 0.0370, Band II = 0.0254
48.543 48.98 48.32 - 1.3 48.32 0 . 0 0 0 0
48.076 57.20 58.58 2.4 58.58 0 . 0 0 0 0
47.619 66.99 68.96 3.0 68.97 0 . 0 0 0 0
46.728 87.27 88.23 1 . 1 88.23 0 . 0 0 0 0
45.871 103.2 102-.2 - 1 . 0 1 0 2 . 2 0 . 0 0 0 0
45.045 1 1 2 . 2 108.4 - 3.3 108.4 0 . 0 0 0 0
44.444 1 1 2 . 0 107.6 - 4.0 107.6 0 . 0 0 0 2
43.478 1 0 2 . 1 97.03 - 5.0 97.03 0.0015
41.666 61.25 59.18 - 3.4 59.16 0.0262
40.000 26.70 26.75 0 . 2 26.56 0.1956
39.682 21.95 2 2 . 2 2 1 . 2 21.95 0.2683
39.215 16.06 16.64 3.6 16.23 0.4103
38.760 1 0 . 8 8 12.38 13.8 11.79 0.5938
38.022 7.522 7.656 1 . 8 6.674 0.9821
37.593 58.50 5.898 0 . 8 4.650 1.247
37.313 50.85 5.058 - 0.5 3.630 1.427
TABLE 1 (XXIV) (Cont)
u u
37.037 4.530 4.422 - 2.4 2.818 1.604
36.764 4.130 3.946 - 4.4 2.174 1.771
36.495 3.777 3.594 - 4.8 1.671 1.923
35.842 3.171 3.049 - 3.8 0.8477 2 . 2 0 1
34.843 2.622 2.540 - 3.1 0.2724 2.268
33.898 2.043 1.999 - 2 . 1 0.0834 1.916
33.444 1.738 1.696 - 2.4 0.0454 1.651
33.112 1.456 1.468 0.9 0.0287 1.439
32.894 1.301 1.320 1.5 0 . 0 2 1 1 1.299
32.467 1.051 1.042 - 0 . 8 0.0113 1.031
32.058 0.8110 0.8033 - 0.9 0.0061 0.7971
31.645 6.6000 0.5958 - 0.7 0.0032 0.5926
31.347 0.4760 0.4697 - 1.3 0 . 0 0 2 0 0.4677
31.152 0.4200 0.3980 - 5.2 0.0014 0.3965
30.959 0.3350 0.3351 0 . 0 0 . 0 0 1 0 0.3340
30.581 0.2370 0.2338 - 1.3 0.0005 0.2331
30.211 0.1580 0.1596 1 . 1 0.0003 0.1593
29.672 0.0838 0.0870 3.9 0 . 0 0 0 1 0.0086
TABLE 1 (XXV)
Std.Dev.
Dioxan
Band I = 0.0273, Band II = 0 . 0 2 0 0
46.512 79.00 80.75 2 . 2 80.75 0 . 0 0 0 0
45.455 99.60 99.66 0 . 1 99.66 0 . 0 0 0 0
45.045 105.4 104.4 - 0.9 104.4 0 . 0 0 0 0
43.478 106.2 104.6 - 1.5 104.6 0.0018
42.553 92.60 91.69 - 1 . 0 91.68 0.0084
40.486 48.05 47.96 - 0 . 2 47.83 0.1292
40.161 42.84 41.47 - 3.2 41.29 0.1829
39.841 36.80 35.55 - 3.4 35.30 0.2521
39.526 31.260 30.25 - 3.2 29.91 0.3386
39.215 26.00 25.55 - 1.7 25.11 0.4441
38.610 17.34 18.02 3.9 17.31 0.7102
TABLE 1 (XXV) (Cont)
38.022 1 2 . 2 2 12.62 3.3 11.58 1.042
37.453 8.430 8.968 ' 6.4 7.558 1.410
37.174 7.730 7.643 - 1 . 1 6.048 1.595-
36.900 6.710 6.590 - 1 . 8 4.816 1.773
36.630 5.850 5.755 - 1 . 6 3.816 1.938
36.101 4.660 4.568 - 2 2.360 2.207
35.842 4.220 4.147 - 1.7 1.844 2.303
35.335 3.467 3.516 1-4 1 . 1 1 2 2.404
34.843 3.022 3.042 0.7 0.6618 2.381
34.129 2.450 2.443 - 0.3 0.2965 2.146
33.898 2.257 2.255 - 0 . 1 0.2258 2.029
33.783 2.162 2.161 - 0 . 0 0.1967 1.965
33.557 1.985 1.979 - 0.3 0.1494 1.830
33.444 1.895 1.889 - 0.3 0.1299 1.759
33.333 1.807 1.800 - 0.4 0.1130 1.687
33.112 1.632 1.627 - 0.3 0.0854 1.542
32.894 1.460 1.461 0 . 1 0.0643 1.396
32.467 1.155 1.1547 - 0 . 0 0.0364 1.118
32.051 0.8820 0.8865 0 . 8 0.0205 0.8681
TABLE 1 (XXVI) 
Deuterium Oxide
Std-Dev.
Band I = 0.0147, Band I] = 0.0284
48.780 40.10 38.84 - 3.1 38.84 0 . 0 0 0 0
47.619 65.90 66.63 1 . 1 66.63 0 . 0 0 0 0
46.511 92.80 93.28 0.5 93.28 0 . 0 0 0 2
45.871 105.1 104.6 - 0.5 104.6 0.0007
45.454 110.5 109.2 - 1 . 1 109.2 0.0014
45.248 112.3 1 1 0 . 6 - 1.5 1 1 0 . 6 0.0019
45.045 113.4 111.3 - 1 . 8 111.3 0.0026
44.843 113.6 111.3 - 2 . 0 111.3 0.0035
44.052 106.0 105.4 - 0.5 105.4 0.0104
43.668 100.4 99.51 - 0.9 99.49 0.0170
TABLE l(XXVT) (Cont)
43.478 97.10 95.93 1 . 2 95.91 0.0215
43.103 88.90 87.91 - 1 . 1 87.84 0.0336
42.735 79.90 79.15 - 0.9 79.10 0.0508
42.372 70.60 70.04 - 0 . 8 69.97 0.0749
41.841 57.10 56.66 - 0 . 8 56.53 0.1271
41.666 52.90 52.38 - 1 . 0 52.24 0.1498
41.322 44.90 44.36 - 1 . 2 44.15 0.2041
40.160 22.51 22.60 0.4 2 2 . 1 0 0.5040
40.000 20.46 20.35 - 0.5 19.79 0.5612
39.840 18.47 18.28 - 1 . 0 17.65 0.6224
39.682 16.620 16.40 - 1.3 15.72 0 . 6 8 6 6
39.525 14.84 14.71 - 0.9 13.96 , 0.7540
39.370 13.370 13.19 - 1.3 12.37 0.8239
39.215 11.97 11.82 - 1 . 2 10.92 0.8967
39.062 10.75 10.60 - 1.4 9.631 0.9713
38.910 9.560 9.518 - 0.4 8.470 1.047
38.759 8.710 8.556 - 1 . 8 7.431 1.125
38.461 6 . 6 6 8 6.967 4.5 5.685 1.282
38.314 6.335 6.318 - 0.3 4.958 1.360
38.610 7.616 7.713 1.3 6.510 1.203
38.022 5.303 2.258 - 0 . 8 3.744 1.514
38.167 5.628 5.749 2.2 4.311 1.438
37.735 4.524 4.468 - 1 . 2 2.808 1.660
37.453 3.909 3.887 - 0 . 6 2.092 1.794
37.174 3.381 3.460 2.4 1.546 1.913
37.037 3.221 3.299 2.3 1.328 1.966
36.900 3.099 3.151 1.7 1.137 2.014
36.764 2.968 3.029 2 . 1 0.9724 2.057
36.496 2.832 2.833 0 . 1 0.7087 2.125
36.363 2.703 2.754 1.9 0.6034 2.150
36.101 2.587 2.620 1.3 0.4364 2.183
35.842 2.484 2.507 0.9 0.31378 2.193
35.714 2.446 2.454 0.4 0.2656 2.189
35.335 2.312 2.304 - 0.3 0.1600 2.144
35.087 2 . 2 2 2 2 . 2 0 2 - 0.9 0.1135 2.089
34.843 2.128 2.097 - 1.4 0.0803 2.017
TABLE l(XXVI) (Cont)
34.364 1.915 1.871 - 2.3 0.0397 1.831
34.246 1 . 8 6 8 1.811 - 3.0 0.0332 1.778
34.129 1.800 1.751 - 2.7 0.0278 1.723
34.013 1.741 1.690 - 2.9 0.0232 1.667
33.898 1.672 1.629 - 2 . 6 0.0194 1.609
33.333 1.357 1.321 - 2 . 6 0.0078 1.313
33.003 1.156 1.144 - 1 . 0 0.0045 1.139
32.786 1.028 1.031 0.3 0.0031 1.028
32.467 0.8500 0.8735 2 . 8 0.0017 : 0.8717
32.051 0.6770 0.6869 1.5 0.0008 0.6860
31.746 0.5460 0.5660 3.7 0.0004 0.5655
31.545 0.4830 0.4942 2.3 0.0003 0.4939
30.959 0.3090 0.3208 3.8 0 . 0 0 0 1 0.3207
30.581 0.2270 0.2358 3.9 0 . 0 0 0 0 0.2358
30.030 0.1480 0.1446 - 2.3 0 . 0 0 0 0 0.1446
29.940 0.1400 0.1329 - 5.1 0 . 0 0 0 0 0.1328
SECTION 2
KINETICS AND FECHANISM
OF
PERIODATE OXIDATION OF SOFE 
CARBOXYLIC ACIDS
ON THE HYDRATION AND 
IONISATION CONSTANTS OF 
KETOMALONIC ACID
2.1 HYDRATION OF CARBONYL GROUPS IN CARBOXYLIC
ACIDS AND CARBOXYLATES
The study of the mechanism of the reaction of periodate with 
ketomalonic acid necessitated the determination of the ionisation 
constants of the acid. To do so, the behaviour of ketomalonic acid 
had to be studied in a wide range of pH in aqueous media. Previous 
work shows that the central carbonyl group is hydrated under certain 
conditions in aqueous solution as well as in the solid state. A 
summary of previous work on the hydration of the carbonyl group in 
keto-acids is given here.
2.1.1 A Review of Previous Work
In the solid state, the monohydrate formed from a carbonyl group 
can be formulated as a gem-diol or as a compound containing molecular 
water. Certain aldehydes and ketones form stoichiometric monohydrates 
in both the liquid and solid states. Since hydrate stabilization 
occurs only where the polarity of the carbonyl group is enhanced by 
an electron-attracting substituent, the products are often fonmilated 
as gem-diols formed by reversible carbonyl addition. The evidence 
for this structure must be considered for individual compounds since 
hydrate stability varies considerably. In the hydrate there is often 
some reduction of carbonyl activity relative to that of the anhydrous 
compound. The absence of the carbonyl stretching vibration in the 
infrared and Raman spectra has been demonstrated in a few cases, also 
the absence, or distortion, of the characteristic band in the ultra­
violet. These observations have been put forward as evidence for 
unstable gem-diol formation in aqueous solutions of unsubstituted 
aldehydes.
Broad-line proton magnetic resonance spectra can differentiate 
between the gem-diol and molecular hydrate possibilities in the solid 
state, provided that the hydrate is derived from a ketone or 
aldehyde containing no proton apart from the aldehydic proton/ UV 
and NMR measurements, in the case of glyoxylic acid as well as some 
other keto acids, prove that they exist as hydrates to an appreciable 
extent in aqueous solution. In the case of pyruvic acid, it has been
demonstrated that there is a change in degree of hydration when it is
2 3 4
ionized, the acid anion being far less hydrated. * *
The addition of water to the C=0 function in organic compounds 
with the formation of a gem-diol group represents a special case of 
the general addition reactions of these compounds. The result may be 
expressed in the scheme:
Rr C0-R2 R1 .C(0H)2 «R2
5
In a recent study by Ahrens, temperature-jump-relaxation
experiments yielded kinetic information about the hydration of
glyoxylate, ketomalonate and ethyl pyruvic acid. In all cases the
reaction with water was catalyzed by OH ions. As well as kinetic
measurements, equilibrium constants of hydration were determined by
a spectrophotometrie method. Ahrens discussed the behaviour of
carbonyl compounds undergoing hydration with respect to their
molecular structure and solvation. She showed that the hydration of
carbonyl groups in a-keto acids could occur in the anion R«COC02~
11 5 12as well as in the undissociated acid. Ahrens and her colleagues, * y 
showed that in a higher region of pH, where only the dianion species 
is present for ketomalonic acid, the extent of hydration is very small. 
In a series of compounds which included ketomalonic acid a comparison 
of the rate constants of acid catalysis of hydration reactions
indicated that the carbonyl groups exert a hindering effect on the 
proton of catalysis. The reported equilibrium constant for this 
series of compounds with the inductive effect of their substitution is 
given in Table 2 (I).
Further support for the hydration of a-keto carboxylic acids and 
carboxylates is given by the following evidence.
6 7 O
Bellamy and Williams, Long, and Jenks, showed by employing 
infrared spectroscopy the structure of lithium pyruvate monohydrate
TABLE 2 (I)
The Hydration Equilibrium Constants Obtained for some 
Compounds Containing Carbonyl Groups
No a-keto compound
Kh
Equilibrium
Constant
Inductive Effects 
of the Two 
Substituents
1 Glyoxylic acid 103 - 0
2 Pyruvic acid 2.4 - +
3 Acetaldehyde 1 . 1 0  +
4 Glyoxylate 16.5 + 0
5 Ketomalonate monoanion 5 - +
6 Pyruvate 5.0 x 10' 2 + +
7 Pyruvic acid ethyl ester 2.4 — +
o
was consistent with the diol form. Jenks and Carrulo showed the 
presence of the carbonyl group from the infrared spectrum of a solution
7
of sodium pyruvate in heavy water. From Raman spectra, Long and 
g
George showed the absence of carbonyl group in solid pyruvate
monohydrate, and its presence in aqueous solutions. Griffiths'*^ and 
13Hellstrom showed that the hydration-dehydration exchange of 
ketomalonic and pyruvic acids was acid-base catalyzed. Ketomalonic 
acid and its disodium salt were shown to have a gem-diol structure in 
their solid states by employing broad-line proton magnetic resonance 
spectroscopy.'*’
2.1.2 The Aim of the Present Work 
The aim of the present work was:
(a) to determine the ionisation constants of ketomalonic acid 
at different temperatures;
(b) to study the variation of UV spectra with pH and temperature 
of ketomalonic acid;
(c) to study the hydration of ketomalonate at different pH 
values using infrared spectroscopy.
2.1.3 The Temperature and pH Dependence of the UV Spectra
It became clear that the absorbance is very sensitive to changes 
in temperature. The graphs of absorbance against temperature at 
different wavelengths showed that the variation of absorbance with 
temperature is linear. The absorbance increases with temperature.
This was thought to be due to an increase in the concentration of the 
dehydrated form of dianion. The following experiment proved that the 
absorbance change is a reversible process.
Measurements were carried out, in the wavelength range of 215- 
225 nm and over a pH range of 5-6 at various temperatures between 
19°C and 32°C, starting at 19°C then returning to this temperature 
when measurements at the higher temperatures were complete. The
absorbance readings returned to their initial values, demonstrating the 
change is reversible.
5
According to the conclusion reached by Ahrens, the extinction 
coefficient of dianion should be mostly due to the dehydrated species. 
At pH > 6 , where the hydration is neglibible, no stable
extinction coefficient values could be obtained which was quite 
unexpected and furthermore the variation of extinction coefficient with 
pH in this region is erratic. This can be observed in a graph of 
variation of extinction coefficient with pH. This graph at various 
temperatures is shown in Fig. 2(a).
2.1.4 The Infrared Studies
The infrared spectra of carbonyl and carboxyl groups have been 
discussed by Bellamy,"^ in particular the carbonyl frequencies of 
ionized and undissociated carboxylic acids in aqueous solutions.
In the present work,. IR studies on ketomalonate disodium salt 
and its anions were carried out in connection with the UV spectra at 
higher pH values.
The IR spectrum of the ketomalonate dianion in aqueous solution 
should show absorption characteristic of a non-hydrated carbonyl 
group. If this is true, the spectrum of the dianion should be the 
same in D20 as in H20.
The spectrum of ketomalonic acid disodium salt in solid state 
is shown in Fig. 2(b). In this spectrum, no carbonyl absorptions 
appear but the characteristic C02 stretching bands appear in the 
region 1700-1400 cm-1. In the higher frequency region, a band due to 
the OH stretching vibration is found at 3275 cm 1 and a pattern of
Figure 2(a)
Variation of the Spectrum of the Ketomalonic 
Acid with pH at Different Temperatures
-l
20
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weak bands (shoulders) between 2500-3000 cm 1. These bands in other
keto carboxylic acids, were suggested to be characteristic of very
strongly bonded hydroxyl groups and are not commonly found in the
15dehydrated form of similar compounds. Furthermore, a strong band 
appears at 1124 cm 1 which arises from an OH deformation mode.
In Fig. 2(d), the spectrum of solid disodium ketomalonate is 
compared with that obtained in aqueous solution at different pH 
values. In the pH range 1-3, a pattern of peaks appeared at 1400- 
1 2 0 0 cm 1 which could be attributed to the carboxyl group frequencies.
The position of the peaks in this range in the solution spectrum is 
different from that of the solid state, probably due to the shift 
caused by hydrogen-bonding of the carboxylate groups with water 
molecules. A band characteristic of OH deformation, in the pH range 
1-3, is similar to that found in the spectrum of the solid. Above 
pH 3, this band becomes weaker but does not disappear completely, and 
instead the band at 1200-1500 cm 1 region changes its pattern and is 
shifted to higher wavenumber. This is due to the appearance of 
different species, viz. monoanion and dianion.
The spectrum of ketomalonate dianion (pH 7.80) in D20 is shown in 
Fig. 2 (c). In the range 1000-1500 cm 1 it is similar to the spectrum in H20.
In the case of D20 as solvent it was possible to observe the band at 1620 cm 1 
characteristic of the anions of keto carboxylic acids.^ The carboxyl 
band appears at 1360 cm 1 in H20 and at 1375 cm 1 in D20. The shift 
is due to the difference between the strengths of hydrogen and 
deuterium bonds respectively between the carboxyl groups and solvent.
A band characteristic of the OH deformation of the gem-diol group, 
here again, is similar to that found in the spectrum of ketomalonate 
dianion in water. In both cases these bands are weak.
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Figure 2 (c)
The IR Spectrum of Ketomalonate Dianion (pH 7.86) in D20
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The partial disappearance of the absorbance of gem-diol structure 
in the IR spectrum of the dianion can be interpreted in view of the 
considerable differences in the inductive effects of the ionized and 
unionized carboxyl groups. In the dianion, the inductive effect of 
the two carboxylate groups makes the addition across the C=0 bond 
difficult and leads to the reduction in the hydrated carbonyl 
absorption.
2.1.5 Determination of Ionisation Constants of Ketomalonic Acid
The aim of the present study was to measure the ionisation 
constants at various temperatures. Two different techniques were 
employed and the results obtained were compared. The two methods 
are discussed separately. Since this dibasic acid has two overlapping 
ionisation constant values, it makes the method different from the 
techniques usually employed.
(a) Potentiometric Determination of Ionisation Constants. The 
equilibria and the corresponding ionisation constants for a dibasic 
acid are:
Ki +
H2A «— — * H + HA (1) Kj = — -------  (1)
[H2A]
_ K 2 + 2. ajj+f2""[A2_] (21
HA f ■ ' H + A (2) K2 = -2-------- '■‘LJ
£-[HA-j
In this method, the ketomalonic and disodium salt is titrated 
with hydrochloric acid. Applying the electro-neutrality principle:
[Na+] + [H+] = 2 [A2-] + [HA-] + [tt-] + [OH-] (3)
Now:
[Na+] = 2 [A] (4)
Here, [a ) refers to the total concentration of ketomalonate disodium 
salt used in titration and it can be shown as:
= [HA“]
a^ +f" K f"
-H  + l + 2
K, vf2" (5)
And:
[H+]
V (6)
[OH'] = a0H" vf‘ (7)
= Ionic product of H20 = OH
K f“[HA~l 
[A2-] = 2 1 Jvf2_ (8)
By substituting the values obtained from the above equations into 
the electroneutrality relations:
2 [A] V [HA']
2K2£
lv£2'
+ 1 [«,']
Kw
aH+f"
(9)
i.e.
[Cjf ] = 2 [A] + ^ ---- — ----[HA7]
f aH+f'
2K,f
v f
2 -
+ 1 (10)
Substituting for [HA ] from eqn. (5):
[«"] = '[A]
2K f
+ 1
V Kw
a^+f K £
—  + 1 + 2 aH+f"
K, V £‘
(11)
or:
0 = [A]
2K f
+ 1
-  2
a^+f" K £"
25—  + i + 2
L k x v£2'
V K+ — —  + [CS, ] (12)vf
Values of Kj and K2 can be adjusted to make eqn. (12) as close as 
possible to zero (this method was used in the computer program - see 
Program No. 3 in Section 5).
For a further check on the computed values of Kx and K2, a 
graphical method was used as well;
From the eqn. (5), the following relationship can be derived:
v
2K £
^ i ~ r -  + 1V _ _ _ _
V L + 1  + ^ '
[A]
'2a^+f
+ 1
V
K,
aH+f K f f
-0--- + l + —
K. V
(13)
f = Activity coefficient of undissociated species,
Let
La]
'2 a^ +f'
H =
K, + 1 V (14)
then
2 [A] V
[A]
f2„ f 1
K
V
f v £  + 1 + ¥ >
+ H (15)
Ki
Multiplying through by the denominator of the first term on the right:
i.e.
or
Here
2 [ A ] y f
Ki
+ 2 [A] + 2 [A] + 2 [A] K2 £ aH+ .
+ a,T+ K,
aH+ k. r  £
2-
2 [A] K2 f
V
[A] + H
(au+£m K2 f)
1 !--- + l + _
K, VJ
(16)
1_
Ki
2 [A] + ” Ha^+f
T71 V
1 . Hf
—  +
lf2‘ V
+ H (17)
Y_
:K,
+ k2 = X (18)
Y =
[2 [A] y f "  + a2H+ - Hyf'J
f 1 _ + H£
If2' y
X =
H - [A] -
1_ + Hf )
V
Then, the value of Y can be plotted against X with intercept of K2
The computer program prints out the values of X and Y at every 
pH value and from there the values of Kj and K2 can be calculated 
respectively. It was always found that the ionisation constant 
values obtained through the graphical method were close to those 
obtained from the computer program.
(b) Spectropho tome trie Determination of Ionisation Constants. The 
maximum absorbance of ketomalonic acid is near 212 nm. The greatest 
difference between the absorbances at various pH values were observed 
at 220-230 nm range and hence this was selected as the analytical 
wavelength range.
From eqn. (5) in the previous method, a relation can be derived 
for the calculation of concentration of ketomalonate monoanionic 
species, i.e.
Similarly, from eqns. (1) and (2), the concentrations of undissociated 
ketomalonate disodium and ketomalonate dianion can be found.
Total absorbance of solution: D = £j[H2A] + £2 [HA] + ^ [ A 2 ]
e == Extinction coefficient for any chosen point
and a slope of respectively
[ha ' ]
[A]
(1 )
K
it M of H2A
ii ti of HA
i i i t of A
2 -
2  ^
Substituting for [H2Aj and [A ] as before:
a^+f e K f
D =  + e2 + e3 (2)
Ki ' a ^f2"
Substituting for [HA ] from eqn. (1):
e ^ + f '  K f'
[A] -------+ e2 + e3 — 2—  (3)
D = K._ _ _ _ _ _  V £‘
£l,+£- K f'
- 2  + l + — 2---
K, V f
DExtinction coefficient of solution: e =
[A]
El V f K2f
. - l ^ + e ^
e = ------------------------
V £“ . K 2£ ’
+ 1 +
Ki ajj+f2'
Activity coefficients were calculated from the Davies equation, i.e. 
-log f2 = 0.509I2 ^  - 0.31
i  + / r
I = Ionic strength 
Z = Ionic charge
From the calculation of values of Kx and K2 the following graphical 
technique was applied.
By assuming the eqn. (4) at low pH, e3 and K2 terms are 
negligible, i.e.
ea^+f e, a, ,+f
+ e = _Lii + e2 (5)
Ki Ki
and
eKx egKj
e + ----- = ei + ----
V f~ V f
or
K,
e = ej + ----  (e2 - e) (6)
V f
If e2 > e, then e2 - e is almost constant, and e can be plotted
1 . 1 against — — - . Extrapolation t o    = 0 gives Ej.
a^+f aH+f
From eqn. (6 ), an approximate method could be established to 
obtain values of Kx and e2.
From eqn. (6 ):
r  -i a f l+ f  -[e - CjJ -----  = e2 - e
K,
and
e = e2 - (7)r- aH+f (e - Ej
3jpj^"f
When e is plotted against (---— n , a straight line should be
“ e iJ
obtained in the pH range where the e3 and K2 terms are negligible in 
eqn. (4) (pH 2.2-4.0 probably suitable). The intercept will be e2 
and slope . Now the points at higher pH values can be used to 
obtain approximate values of K2 and e 3:
e j and Kx terms are negligible, so
eK2f“ K f"
e + ----—  = e3 + e2 (8 )
a^+f a^+f
and
Plot of against — —  (c2 “ e) will give rise to the approximate 
values of e3 and K2 from intercept and slope respectively. A computer 
program was devised by using the least squares method to determine the 
values of ex, e2, e3, Kx and K2 for each wavelength employed. Program 
No 4 in Section 5 is given for the spectrophotometric determination of 
first and second ionisation constants. For the value of e3 the maximum 
molar extinction coefficient from Fig. 2(a) was chosen (pH ranges 5-6) 
and taken into calculations in computer program.
The results of both techniques are listed in Tables 2 (II) to 
2 (VIII) /The mean values of the ionisation constants obtained for both 
techniques are given in the same tables. In the case of the 
spectrophotometric method, there is a systematic variation of the values 
of first ionisation constant as the wavelength changed at 25°C. The 
cause of this is not known.
As the initial values for both computer programs, the reported 
values of PKs for oxalacetic acid were tried. To check on the 
precision of the potentiometric method and computer program used, 
some measurements were done on sodium acetate and disodium succinate
whose pKs are well known, and the results are compared in Table 2 (V\ ).
TABLE 2 (II)
Ionisation Constants of Ketomalonic Acid at 1 C
Obtained from Potentiometric Titrations
No
Concn•of Titrant 
(HC£)
Concn.of Titre 
(Ketomalonate) E L P L
mol dm mol dm
1 0.035 0 . 0 2 0 2.33 3.89
2 0.047 0 . 0 1 0 2.51 3.92
3 0 . 0 2 0.005 2.58 3.90
Mean (pKj) = 2.47, (pK2) = 3.90
TABLE 2 (III)
Ionisation Constants of Ketomalonic Acid at 40 C 
Obtained from Potentiometric Titrations
No
Concn-of Titrant 
(HC£)
Concn^ of Titre 
(Ketomalonate) PK, PK2
mol dm” 3 mol dm 3
1 0.024 0 . 0 2 0 2.24 3.95
2 0.047 0 . 0 1 0 2.24 3.82
3 0.025 0.005 2.26 3.95
Mean (pKj) = 2.25, (pK2) = 3.91
TABLE 2 (IV)
Ionization Constants of Ketomalonic Acid at 40°C
Obtained from Spectrophotometric Measurements
X ei £ 2 £ 3
pK, PK2(wavelength) mol-1 dm3
-lcm
mol 1dm3
-l
cm
mol" dm
-i
cmnm
2 2 0 208 315.00 134.0 2.178 3.94
2 2 2 205 306.92 1251.3 2 . 2 0 3.94
225 198.50 314.85 1102.5 2.40 3.97
227 184.50 297.90 1007.5 2.38 3.98
229 172.00 264.50 907.50 2.28 3.97
231 158.25 243.71 822.50 2.28 3.98
233 144.50 217.30 738.75 2.28 3.98
235 127.50 188.58 655.00 2.26 3.98
Mean (PKJ = 2.28, (PK2) = 3.96
TABLE 2 (V)
The Comparison of the Values of Ionization 
Constants for Some Acids 
at 2S°C
Acid Reported Values of pK^ Measured Values of pK&
Succinic
Acetic
Oxalacetic
4.209, 5.634 
4.749
2.50 , 3.85
4.21, 5.69 
4.74
TABLE 2 (VI)
Variation of Molar Extinction Coefficient of Ketomalonate 
Dianion with pH at 55°C
No PH
e x 1 0 2 
Molar extinction coefficient 
mol 1dm3cm 1
1 4.12 14.325
2 4.19 15.925
3 6.84 16.800
4 6 . 8 8 15.800
5 6.97 16.800
6 7.20 15.675
7 9.18 15.30
TABLE 2 (VII)
Ionization Constants of Ketomalonic Acid 
at 25°C Obtained from Potentiometric Titrations
No
Concn-of Titrant 
(HCA)
Concn.of Titre
pKx PK,
mol dm 3 mol dm 3
1 0.047 0 . 0 1 2.37 4.03
2 0.094 0 . 0 2 2.29 4.03
Mean (pKj) = 2.33, (pK2) = 4.03
TABLE 2 (VIII)
Ionization Constants of Ketomalonic Acid at 25°C
Obtained from Spectrophotometric Measurements
X ei £ 2 £3
pKi pK2(wavelength)
nm
mol 1dm3
-l
cm
mol dm
-l
cm
mol 1dm3
-l
cm
219 201.25 320.88 114.00 2 . 1 1 4.14
2 2 0 2 0 0 . 0 0 330.61 1077.50 2.24 4.15
2 2 1 119.03 316.04 1035.00 2.29 4.11
2 2 2 198.50 319.15 1005.00 2.35 4.14
223 198.00 320.28 957.50 2.39 4.15
224 198.00 308.06 917.50 2.37 4.11
225 193.50 308.17 8 6 6 28 2.40 4.11
226 191.00 293.20 830.00 2.42 4.13
111 186.50 283.73 775.00 2.43 4.13
228 186.50 283.73 777.50 2.43 4.13
Mean (pKj) >  2.34, (pK2) = 4.13
2.1.6 Results and Discussion
The obtained pK values by two methods are compared with those 
reported previously in the following table at 25°C.
pKi pk2
32Literature values 2.50 3.86
Spectrophotometric 2.34 4.13
Potentiometric 2.33 4.03
The method used to obtain the literature values is not stated in 
the reference, so it is impossible to comment on the differences 
between them and the values obtained here. The agreement between the 
spectrophotometric and potentiometric methods is quite good, so the 
values we have obtained appear to be reliable. However, there is some 
doubt as far as the spectrophotometric pK2 is concerned, because above 
pH 5 the dependence of absorbance on pH is not systematic (see 
Fig. 2(a)). This behaviour is more marked at higher temperatures, as 
shown in the same figure. An example of the absorbance values obtained 
at higher pH values is given in Table 2 (VI) . It is evident that 
some unknown feature of the ketomalonate dianion is responsible for 
these anomalous results. The IR studies do not throw any light on 
this problem, and no other technique seemed likely to lead to a 
solution. The possibility of decomposition was considered, but this is 
only known to occur above about 80°C.^
ON THE KINETICS AND 
MECHANISM OF OXIDATION OF 
SOf€ CARBOXYLIC ACIDS BY
PERIODATE
2.2.1 INTRODUCTION
Heubner et- al * studied the stoichiometry and approximate rates of 
periodate oxidation of a number of compounds containing an active 
methylene group. The first step in the oxidation of such a compound 
is hydroxyl at ion, then this is followed by further oxidation. The 
hydroxylation step was considered to be rate-determining. So it can 
be easily understood that the reaction of malonic acid with periodate 
is not a simple process. The intermediate products which were 
suggested contain active functional groups, e.g. tartronic and 
glyoxylic acids contain hydroxyl and carbonyl groups respectively.
Besides malonic acid, in the present study, a number of carboxylic 
acids were investigated containing different functional groups. For 
this reason a brief review of periodate oxidation of functional groups
with a particular reference to diketones is presented.
>'
(a) Survey of Periodate Oxidation of Diketones and Other 
Functional Groups
The oxidation by aqueous periodate compounds may be divided into 
two main groups:
(i) Cleavage of C-C bonds, generally through a cyclic intermediate, 
e.g. oxidation of 1 ,2-diols, 1 ,2-hydroxycarbonyl compounds, 
1 ,2-diketones, 1 ,2-amino alcohols, etc.
Reaction without C-C bond cleavage, e.g. the oxidation of
active a-hydrogens, such as those found in malonic acid, to
an a-hydroxy group. The configuration necessary is a three-
carbon system consisting of a free carbonyl or aldehyde, and
ot-carbon bearing at least one hydrogen, and a 3-carbonyl
group which may be part of an aldehyde, ketone, carboxyl,
carbalkoxyl or a similar activating structure. The reaction
is normally followed by the oxidative cleavage of the 
23
product:
Ri Rr
I Ic=o c=o
R3-C-H I > R3-C-OH — — *- R3 -CO+RrCOOH 
| 1 0 | 1 0 |
CO CO CO
I I I
R-2 R-2 R-2
(c) IO^
r 3cooh+r2cooh
1. Rx must be -OH or -H.
2. R2 and R 3 must be any combination of -H, -alkyl, -OH 
or - 0 alkyl.
3. If R3 is -alkyl and/or R2 is -0 alkyl, the reaction is 
slow.
4. If Rj and R2 are hydroxyl, one of the acids produced is 
carbonic which decomposes in acid solution to give C02.
5. If R2 is -0 alkyl, reaction (c) does not occur but stops 
with the intermediate formed in the preceeding reaction.
6 . The grouping -C0R2 may not be replaced by a nitrile and 
still secure oxidation.
The kinetics of the oxidation of dicarbonyl compounds by periodate
17has received little attention. Clutterbuck and Reuter have shown 
that the periodate oxidation of pyruvaldehyde and butane-2 ,3-dione 
leads to a mole each of formic acid and acetic acid in the first case 
to two moles of acetic acid in the second case, along with the usual 
iodate product.
18Shiner and Wasmuth studied the periodate oxidation of a series
of a-diketones and could not detect the initial fast reaction, followed
19by a slow one, claimed by Taylor and coworkers for butane-2,3-dione.
The reactions were second-order overall with no kinetically detectable
20intermediate such as that found in the case of vicinal diols. The 
kinetics were explained on the basis of a nucleophilic attack on the 
carbonyl carbons by the several forms of periodate present in acid and 
slightly basic media.
21Bunton and Shiner attempted to confirm the kinetic picture of 
nucleophilic attack on dione by periodate by using oxygen-18 as a 
tracer in H20 18 solvent. While they preferred to view their data as 
confirmatory, they pointed out that other interpretations such as 
reactions of hydrated diones may also account for the observed 
behaviour.
22Recently, Dahlgren and Reed carried out work to show what kinetic 
differences exist between the periodate oxidation of glyoxal and that of 
its methyl and dimethyl derivatives and to make comparisons between 
these data and those for methyl-substituted ethane diols.
Examples of the proposed mechanism of periodate oxidation of 
a-diketones and 1,2-hydroxyketones are shown in Fig. 2(e).
Figure 2(e)
(a)
Examples of the Mechanism of Periodate Oxidation of 
a-diketones and Hydroxyketones
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0
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. 1 1 1 1  
h„io6 +r— c— c— r' in:
o
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(b) Previous Work on the Periodate Oxidation of Malonic, 
Tartronic, Ketomalonic and Glyoxylic Acids
The first and most comprehensive work on the oxidation of malonic
23acid was carried out by Heubneret-al. The reaction was followed
under conditions of excess periodate. At room temperature 6 - 8 ME (molar 
equivalents) of NaI04 with malonic acid evolved approximately 2 ME 
carbon dioxide, and 3 ME of NaI04 were consumed in the reaction during 
the same time interval.
ffla(q00H)2+3I(\’ ------ 2C02+HC00H+3I03~+H20
The proposed course of reaction which was suggested by Heubner 
et-al* is:
COOH
CHOH ..-QO— » CONCHO ■ -» H-COOH+CCL+IO ~
10/  I 10/ | 10/
COOH COOH
The first ME of I0U" replaces an active a-hydrogen by a hydroxyl 
to form tartronic acid. The second ME of 10^ produces one ME of C02 
and one ME of glyoxylic acid. The glyoxylic acid is oxidized by a 
third ME of 10^ yield formic acid and carbon dioxide. Heubner stated 
that if the reaction scheme was correct, then the overall rate of 
reaction (b) + (c) (oxidation of tartronic acid) must be as great or
greater than the overall rate of reaction (a) + (b) + (c), and (c)
(the oxidation of glyoxylic acid) must be as rapid or more rapid than 
reaction (b) + (c). After studying the relative rates of malonic, 
tartronic and glyoxylic acids, Heubner showed the following:
Rate of reaction (c) = 12 x rate of reaction (b) + (c)
Rate of reaction (b) + (c) = 14 x rate of reaction (a) + (b) + (c)
COOH
l
ch2
ioOH
Under these conditions the rate of reaction of malonic acid with
periodate appeared to be the rate determining step.
They found that if there were three or less ME 10,,”, a side 
reaction became prominent in which 1 2 % oxalic acid was formed from the 
malonic acid compared with 0.1% using 10 ME excess of periodate. It 
was proposed that the reaction went through ketomalonic acid as 
intermediate.
COOH COOH COOH COOH
m ,  W  > CH(OH) fo) ■> C=0 fc) > C00H+C0,
I 10," I I0„" I 10,'
COOH COOH COOH
It was shown that the ketomalonic acid reacted rapidly to give 
oxalic acid and carbon dioxide.
Sprinson and Chargaff^ studied the oxidations of malonic and 
tartronic acids as well as glyoxylic and ketomalonic acids. Using 
an excess of periodate, they proposed a similar scheme to that of 
Heubner. The rates of reaction of malonic and tartronic acids were 
found to be slow and no oxalic acid was detected, whereas the reactions 
of glyoxylic and ketomalonic acids were rapid.
25Fleury and Courtois put forward a similar reaction scheme, as 
was suggested byHeubner, after studying the reaction independently.
They found a variation in rate with pH for malonic acid and observed 
a maximum at pH 4.
26Later on, Bose, Foster and Stephens suggested a different 
route of reaction for malonic acid. In general they proposed that 
certain oxidations, by periodate, of active methylene groups take 
place via a six-membered cyclic complex. In the case of malonic acid 
this is formed between the periodate and the hydrated enol form of acid.
CH(OH) 2
2 7
Clancy and Whelam, by using very dilute periodate (0.0004 M), 
found that glyoxylic acid was not oxidized. As the concentration of 
periodate increased a reaction was observed.
28Cantly, Hough and Pittet, in 1963, studied the oxidation of 
glyoxylic and malonic acids under conditions of excess periodate.
They found that the rate had a maximum at about pH 3.6 for glyoxylic 
acid and the rate was extremely low at pH 1. They examined the pH- 
dependence of the malonic acid oxidation and found a maximum rate at 
pH 3.6. In strongly acidic and alkaline solution the rate of reaction 
was considerably retarded. These results appeared to be in agreement 
with the participation of tartronic acid and glyoxylic acid as 
intermediates. Phosphates promoted a faster reaction of the methylene 
group with periodate as it does with some di-aldehydes.
29Yadava and Krishna proposed a different reaction scheme under 
conditions of excess periodate. They placed the rate determining 
step somewhere in the conversion of tartronic acid into foraic acid. 
They suggested that the formation of glyoxylic acid was improbable 
because the reaction between glyoxylic acid and periodate was faster 
than the overall rate of the malonic acid reaction. They did not
study the rates of oxidation of the products of the malonic acid 
reaction, but did vary pH for the malonic acid reaction, finding a 
maximum at pH 6 . The reaction scheme put forward was as follows:
COO
CH2+ IQ*
COO
fast
COO 
-> CHOH
I .coo
(i)
COO
I
CHOH + 10,
I .
COO
fast
COO
-» C (OH) ?
I -
COO
(ii)
COO
I
C(0H)2+ io4 
coo"
slow 00C ■0 -
“OOC-^
:I04H2
‘0 0C
"00C*
0
0 -
;I0 ,h2
fast
2C00"+H+ ---------  ;> H-C00+C0,
2C00 +H20+C02
(v)
The rate determining step in this reaction scheme would be the 
formation of the cyclic intermediate and steps (i) and (v) would be 
slow in acedic media which corresponded to their experimental data. 
However, the formation of this 4 -membered ring is highly improbable 
because the bonds involved would be far too strained.
(iii)
(iv)
2.2.2 THE AIM OF PRESENT WORK
The aim of present work was to achieve a comprehensive study of 
the mechanism of periodate oxidation of malonic, tartronic, ketomalonic 
and glyoxylic acids under the condition of excess acid. The experiments 
were carried out in a wide range of pH and temperature. Then, the 
pH-rate dependence of all the reactions was studied. The kinetic runs 
were carried out under the same conditions for all compounds, so that a 
rate comparison could be made for the acids under investigation. It 
was hoped to show what kinetic differences, if any, exist among the 
compounds under study.
Consideration of the possible reaction schemes, encompassing 
different reactive species, permitted a comprehensive analysis of the 
rate data obtained from the measurements of the overall rate constant 
over the complete pH range studied. Then a comparison of the observed 
rate constants with the calculated values was made for some of the 
compounds under study. Finally, activation parameters were calculated.
An NMR study of the reaction products, for some of these compounds, 
was attempted. The general problems involved in the identification of 
the oxidation products are discussed. In the same discussion a summary 
is presented of previous results on the product analysis of these 
reactions.
2.2.3 IDENTIFICATION OF THE PRODUCTS OF REACTIONS
(a) Previous Work. In studies of the periodate oxidation of malonic 
and tartronic acids, it was found by earlier workers that the reaction 
gave formic acid and carbon dioxide as the final products under 
conditions of excess periodate.^3*24 in one experiment, in which 
malonic acid was treated with 3 ME of periodate, they isolated and 
identified 12% of oxalic acid from the reaction mixture, whereas in a 
similar experiment, using excess of 10 ME of periodate, only a trace 
CO.1%) of oxalic acid resulted. In the case of ketomalonic acid, 
Sprinson and Chargaff^ identified oxalic acid and carbon dioxide as the 
final products of periodate oxidation under the condition of excess 
periodate. Under the same conditions, formic acid was found to be the 
product of periodate oxidation of glyoxylic acid.
In a recent study of reaction of malonic acid with periodate,
under conditions of excess acid, no chromatographic evidence was found
30for the formation of tartronic acid as intermediary product. The 
same study gave rise to the evidence for the formation of oxalic acid 
under conditions of excess acid, and further results seemed to suggest 
that formic acid and carbon dioxide were the final products of the 
oxidation. It was suggested that, under the same condition, ketomalonic 
acid would not have been detected in chromatography, as an intermediary 
product, because of its relatively fast oxidation compared with the 
malonic acid.
Anyway, it was clear that further work had to be carried out on 
the analysis of the products of the periodate oxidation of malonic acid 
under the condition of excess acid.
(b) Present Investigations. The NMR technique was used in an attempt
to identify the products of the periodate oxidation of malonic acid.
The NMR spectra of malonic, tartronic, glyoxylic acids are shown in 
Figs. 2(f) to 2(h).
In the reaction mixture of 0.05 M of malonic acid with 0.02 M  of 
periodate at pH 4, a signal due to the tartronic acid was observed. 
Unexpectedly, no signal was detected due to the malonic acid. After 
about two days of reaction, the tartronic signal was absent as well.
Tentatively, this was assumed to be due to the further reaction 
of iodate, as the product of reaction, with malonic and tartronic acids. 
To elucidate this phenomenon, a spectrophotometric investigation was 
carried out on the iodate reaction of both acids. It was found that 
iodate reacts with both of them and that the reactions take more than 
a day to be complete under the conditions mentioned above. Furthermore, 
the reaction of tartronic acid with periodate as well as with iodate, 
under the conditions used for malonic acid, did not give rise to any 
detectable NMR signal. It should be noted that some of the expected 
products do not give a proton NMR signal, viz. ketomalonic, oxalic 
and carbonic acids. The only product of oxidation of malonic acid 
shown to be present by NMR was tartronic acid. The reaction with iodate 
accounts for the gradual disappearance of the tartronic acid signal.
Because the concentration of periodate was much lower in the 
kinetic studies of the reactions, the possibility of interference by 
iodate in the kinetic runs was ruled out.
Figure 2(e)
Spectrum of Tartronate Monoanirm
Figure 2 fh0
ihe NMR Spectrum of Glyoxylate in D20
fppm]
2.2.4 RESULTS AND DISCUSSION OF KINETIC STUDIES
The periodate oxidations of glyoxylic, ketomalonic, tartronic 
and malonic acids were studied under the conditions of excess acid. 
Second-order kinetics were observed for the reactions over a wide 
range of pH and substrate concentration.
For glyoxylic acid, the experimental results of the variation of 
second-order rate constant with pH are shown in Table 2 (IX) at 25°C.
For ketomalonic acid the results are listed in Tables 2 (X) to 2 (XII) 
at three different temperatures. In the case of tartronic acid the 
results are shown in Tables 2 (XIII) to 2 (XV). The results of malonic 
acid are shown in Tables 2 (XVI) to 2 (XVIII).
The results mentioned above were obtained in unbuffered solutions 
and their composition is described in the experimental section.
For simplicity, the results obtained for each reaction are 
discussed separately.
(i) Glyoxylic Acid. The rate-pH profile of the periodate oxidation of 
glyoxylic acid is shown in Fig. 2(i). It shows a sharp increase in rate 
as the pH is increased in the range 2-5. In this region, both acid and 
periodate exist in their monoanionic and undissociated form 
(Pk = 3.46 for glyoxylic acid). Above pH 4, glyoxylic acid anion is 
the dominant species and this is where a plateau in the reaction profile 
is observed. So the sharp increase in reaction profile, represents the 
increase in reaction rate according to the increase of the concentration 
of monoanionic form of glyoxylic acid. It can thus be deduced that the 
most reactive species are glyoxylate and the periodate monoanion. When
TABLE 2 (IX)
Variation of the Experimental Second-Order Rate Constant
with pH for the Periodate Oxidation of Glyoxylic Acid at 25°C
No PH
Ionic Strength k log k
mol dm 3 dm3mol *s 1
1 2.29 0 . 1 0 0.017 -1.765
2 3.22 0 . 1 0 0.048 -1.308
3 4.14 0.105 0.125 -0.903
4 5.91 ' 0 . 1 0 0 . 1 2 2 -0.913
5 6.84 u 0.125 -0.903
6 7.75 IT 0.115 -0.939
7 9.28 • » 0.1125 -0.948
TABLE 2 (X)
Variation of the Experimental Second-Order Rate Constants 
with pH for the Periodate Oxidation of Ketomalonic Acid at 1°C
No pH
Ionic Strength k log k
mol dm 3 dm3mol *s 1
1 1 . 1 0 0.130-0.103 0.036 -1.443
2 1.38 0.065 - 0.053 0.046 -1.335
3 1.75 it 0.150 -0.823
4 2 . 0 0 u 0.333 -0.477
5 2.26 I! 0.400 -0.397
6 2.55 It 0.756 -0.124
7 3.00 H 1.57 +0.196
8 3.48 It 1.80 +0.255
9 4.00 tl 0.550 -0.259
1 0 4.50 II 0.255 -0.647
11 5.60 It 0.057 -1.243
12 6 . 1 0
It 0.035 -1.455
TABLE 2 (XI)
Variation of the Experimental Second-Order Rate Constants
with pH for the Periodate Oxidation of Ketomalonic Acid at 25°C
No PH
Ionic Strength k
log k
mol dm 3 dm3mol *s 1
1 1.08 0.130-0.103 0.350 -0.455
2 1.37 0.065-0.053 0.700 -0.154
3 1.81 it 1 . 6 6 6 0 . 2 2 1
4 2.05 ii 2.50 0.397
5 2 . 2 0 ii 3.11 0.492
6 2.55 ii 3.80 0.579
7 3.78 ii 4.44 0.647
8 4.00 ii 3.86 0.587
9 4.67 0.065-0.053 0.875 -0.057
1 0 5.05 ii 0.860 -0.065
1 1 6.06 0.065-0.053 0.133 -0.876
TABLE 2 (XII)
Variation of the Experimental Second-Order Rate Constants 
with pH for the Periodate Oxidation of Ketomalonic Acid at 40°C
No PH
Ionic Strength k
log k
mol dm 3 dm3mol *s 1
1 1.23 0.130-0.103 0.640 -0.192
2 1.39 0.065-0.053 0.986 -0.006
3 1.64 ii 1.77 0.249
4 1.83 ii 3.55 0.550
5 2.25 ii 4.13 0.615
6 3.22 n 8.44 0.926
7 4.10 ii 4.88 0 . 6 8 8
8 4.73 ii 1.90 0.278
9 4.99 ii 1.33 0.124
1 0 6.61 0.065-0.053 0.140 -0.853
TABLE 2 (XIII)
Variation of the Experimental Second-Order Rate Constants
with pH values for Periodate Oxidation of Tartronic Acid at 1°C
No PH
Ionic Strength k log k
mol dm 3 dm3mol *s 1
1 2.05 0.116 0.421 -0.375
2 2.55 0 . 1 0 0 4.000 0.602
3 3.78 0 . 1 1 1 7.21 0.857
4 4.74 4.66 0 . 6 6 8
5 5.39 it 2.28 0.358
6 6 . 2 0 ii 1.75 0.243
7 6.76 it 2.46 0.391
8 7.39 ii 2.80 0.447
9 8 . 0 0 ti 7.24 0.530
1 0 8.85 2 . 0 0 0.301
11 9.8b ti 0.138 -0.861
TABLE 2 (XIV)
Variation of the Experimental Second-Order Rate Constants 
with pH Values for Periodate Oxidation of Tartronic Acid at 25°C
No PH
Ionic Strength k log k
mol dm 3 dm3mol 1s 1
1 2.25 0.116 1.76 0.245
2 3.13 0 . 1 0 0 9.45 0.975
3 4.00 0.106 11.73 1.069
4 5.03 0 . 1 1 1 1 0 . 6 6 1.023
5 5.62 it 5.75 0.759
6 6.70 it 2.80 0.447
7 7.05 ii 2 . 8 8 0.460
8 8 . 1 0 ii 4.00 0.602
9 9.45 ii 1.07 0.032
1 0 1 0 . 1 0 H 0.457 -0.339
TABLE 2 (XV)
Variation of the Experimental Second-Order Rate Constants
with pH Values for Periodate Oxidation of Tartronic Acid at 40°C
No PH
I
(Ionic Strength) k log k
mol dm 3 dm3mol xs 1
1 2.02 0.116 2.000 0.301
2 3.03 0.10 12.00 1.079
3 4.03 0.106 13.33 1.124
4 5.23 0.111 10.00 . 1.000
5 5.93 ii 5.84 0.766
6 7.28 ii 3.33 0.512
7 7.68 ii 4.00 0.602
8 8.41 ti 4.20 0.623
9 8.88 ti 2.85 0.455
10 9.61 it 1.18 0.074
TABLE 2 (XVI)
Variation of the Experimental Second-Order Rate Constants 
with pH Values for Periodate Oxidation of Malonic Acid at 25°C
No PH
I
(Ionic Strength) k log k
mol dm3 dm3mol 1s 1
1 1.92 0.150-0.125 0.0023 -2.644
2 2.72 it 0.0095 -2.022
3 3.58 ii 0.018 -1.736
4 4.12 ii 0.020 -1.687
5 4.449 ii 0.017 -1.769
6 5.30 0.20 -0.140 0.012 -1.920
7 5.87 ii 0.004 -2.397
8 6.59 it 0.0017 -2.756
9 • 7.03 it 0.0014 -2.838
10 8.70 ii 0.0008 -3.100
TABLE 2 (XVII)
Variation of the Experimental Second-Order Rate Constants
with pH Values for Periodate Oxidation of Malonic Acid at 38°C
No PH
I
(Ionic Strength) k log k
mol dm 3 dm3mol *s 1
1 1.94 0.150-0.125 0.0046 -2.331
2 2.76 ti 0.017 -1.769
3 3.67 It 0.032 -1.488
4 4.05 II 0.038 -1.413
5 4.56 II 0.033 -1.477
6 5.37 0.200-0.140 0.024 -1.619
7 5.99 ti 0.0093 -2.02
8 6.74 n 0.0051 -2.288
9 7.18 it 0.0034 -2.464
10 8.08 ii 0.0023 -2.632
11 8.36 it 0.0022 -2.657
TABLE 2 (XVIII)
Variation of the Experimental Second-Order Rate Constants 
with pH Values for Periodate Oxidation of Malonic Acid at 50 C
No PH
I
(Ionic Strength) k log k
mol dm 3 dm3mol 1s 1
1 1.93 0.150-0.125 0.0098 -2.003
2 2.72 ii 0.030 -1.522
3 3.67 ii 0.051 -1.292
4 4.59 ii 0.054 -1.264
5 5.42 it 0.035 -1.455
6 6.01 ii 0.019 -1.701
7 6.70 0.200-0.140 0.011 -1.954
8 7.09 ii 0.0083 -2.081
9 8.11 ti 0.0056 -2.251
10 8.70 ii 0.0046 -2.331
11 9.77 it 0.0013 -2.860
1Rate-pH Profile of Periodate Oxidation of
Glyoxylic Acid at 25°C
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the highest concentration of the glyoxylate is achieved in the reaction 
mixture, the rate constants do not change, i.e. pH 5-8, the rate of 
reaction is at its maximum value.
No quantitative treatment of the observed rate data was carried 
out due to the fact that no suitable method was found to get the 
compound pure (the details are in the experimental section).
(ii) Ketomalonic Acid. The rate-pH profile of the periodate oxidation
of ketomalonic acid is shown in Fig. 2(k). It shows a maximum in the
second-order rate in the region of pH 4, followed by a sharp decrease
with increasing pH. In order to explain this, the predominant species
of the reaction mixture at pH 4 should be considered. As previously
mentioned, in the pH range 3-7, the periodate monoanion is the dominant
periodate species. In the pH range 1-4, for ketomalonic acid, the
predominant species are the unionized and monoanionic forms 
32(pK x = 2.50) . Above pH 4, the dianionic form of ketomalonic acid 
becomes dominant (pK2 = 3.86). So it Can be assumed that the maximum 
in the rate-pH profile belongs to the predominant reaction of periodate 
monoanion with acid monoanion. The possibility of the reaction of 
periodate with undissociated acid at lower pH values must also be 
considered.
Analysis of the kinetic data on the periodate oxidation of 
ketomalonic acid was carried out over all the pH range studied. The 
details of the analysis of the kinetic data are given elsewhere in this 
section. For simplicity, the final equations derived from the analysis 
are stated here:
(a) For the determination of k (the rate coefficient of the reaction 
of periodate monoanion with acid monoanion), a graphical method was
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used. If one considers the following reaction:
[Hf] + [Per ] — -— ;> products
where [HT] and [Per ] represent the acid and periodate monoanionic forms 
respectively, the following equation can be obtained:
i . K* , i 
^ k‘[H+] k~
k = observed overall range constant
k = rate constant of the reaction of periodate monoanion
with acid monoanion 
K2 = second ionisation constant of ketomalonic acid
[H+] = concentration of hydrogen ion obtained through pH
measurements
1 1 1 A plot of against — —  gives an intercept of . This method
[H ] k
was used to obtain the value of k , at the three temperatures employed,
from results in the pH range >3.
The data required for this reciprocal plot are listed in Tables 
2 (XIX) to 2 (XXI). An example of the plot of i against , for
o tH"Jthe determination of the value of k at 25 C, is given in Fig. 2(&).
(b) For the determination of k° (the rate coefficient of reaction of 
periodate monoanion with undissociated acid), the following equation 
can be derived:
k° kLi - 1 + L-
k = observed overall rate constant
k° = rate constant of the reaction of periodate monoanion
with undissociated ketomalonic acid
TABLE 2 (XIX)
The Kinetic Data for the Reciprocal Plot for the Determination 
of k” Value for Ketomalonic Acid at 1°C
No PH
k i O V ^ X'k
dm3mol”1s 1 dm3mol 1 mol s dm 3
7 3.00 1.57 0.10 0.636
8 3.48 1.80 0.30 0.555
9 4.00 0.550 1.0 1.81
10 4.50 0.225 3.20 4.44
k =3.6
TABLE 2 (XX)
The Kinetic Data for the Reciprocal Plot for the Determination 
of k Value for Ketomalonic Acid at 25°C
No pH k
i 0 V [H+] x/k
dm3mol 1s 1 dm3mol_1 mol s dm
7 3.78 4.44 0.60 0.225
8 4.00 3.86 1.0 0.257
9 4.67 0.875 4.60 1.14
10 5.04 0.860 11.0 1.16
11 6.06 0.133 114.0 7.52
k” = 5.9
TABLE 2 (XXI)
The Kinetic Data for the Reciprocal Plot for the Determination 
of k” Value for Ketomalonic Acid at 40°C
No PH
k 107 [ H+]
dm3mol *s 1 dm mol mol s dm”3
6 3.22 8.44 0.16 0.118
7 4.10 4.88 1.24 0.205
8 4.73 1.90 5.30 0.526
9 4.99 1.33 99.0 0.750
k~ = 10.0
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k = rate constant of the reaction of periodate monoanion
with acid monoanion.
[H+l [H+]
Li -   + 1 , L2 ---
Ki Ki
Ki = first apparent ionisation constant of periodic acid
Ki = first ionisation constant of ketomalonic acid
[H+] = concentration of hydrogen ion obtained through pH measurements
This equation only applies to the range of pH in which reaction of 
periodate with undissociated acid is dominant. In this range the cal­
culated values of k° should be constant. The obtained kinetic data for 
the values of k° are shown in Tables 2 (XXII) to 2 (XXIV). In these 
tables, the values of k° are listed against their corresponding pH values.
In Table 2 (XXIV)a, calculated and observed values of k are compared. The 
agreement is only approximate, as expected from the scatter of the 
experimental points in Fig. 2(k).
(iii) Tartronic Acid. The rate-pH profile of the periodate oxidation of
tartronic acid is given in Fig. 2(m). It exhibits two maxima at pH--4 and
pH 8 respectively. The latter is followed by a sharp decrease as the pH
increases. In order to explain the rate profile, the different species
in the reaction mixture should be considered over the whole range of pH
in which the reaction was investigated. As described previously, in the
pH region of 3-7, the periodate monoanion is the predominant periodate
species. In the pH range 1-4, for tartronic acid, the predominant species
33consists of undissociated and monoanionic forms (pKi = 2.36). Above 
pH 5, the dianionic form of tartronic acid begins to be dominant 
(pK2 = 4.73). So it can be assumed that the first maximum in the rate-pH 
profile belongs to the predominant reaction of periodate monoanion with 
acid monoanion. The second maximum is discussed separately in the section 
on the base catalysis of the reaction.
Results of Analysis of Kinetic Data for Determination 
of the Values of k° for Ketomalonic Acid at 1°C
No pH k Li L2
k°
dm3 mol *s 1 dm3 mol” ^  1
1 1.10 0.036 20.95 26.71 0.626
2 1.38 0.046 11.47 14.01 0.270
3 1.75 0.150 5.47 5.98 0.260
4 2.00 0.333 3.51 3.36 0.271
5 2.27 0.400 2.36 1.83 0.280
Average k° (no. 2-5) =0.273
TABLE 2 (XXIII)
Results of Analysis of Kinetic Data for Determination 
of the Values of k° for Ketomalonic Acid at 25°C
No pH
k
Li L2
k°
dm3mol *s 1 dm3mol V 1
1 1.08 0.350 4.33 31.62 1.37
2 1.37 0.700 2.66 15.81 1.57
3 1.81 1.666 1.66 6.32 2.28
4 2.05 2.500 1.33 3.16 2.22
5 2.20 3.111 1.16 1.58 2.20
6 2.56 3.800 1.03 0.316 2.30
Average k° (no. 3-6) = 2.23
TABLE 2 (XXIV)
Results of Analysis of Kinetic Data for Determination 
of the Values of k° for Ketomalonic Acid at 40°C 
Average k° (no. 2-4) =8.15
No PH
k
Li L2
k°
dm3mol *s 1
j  3 - 1  - 1
dm mol s
1 1.23 0.640 10.88 10.92 6.684
2 1.39 0.986 7.68 7.39 7.94
3 1.63 1.777 4.84 4.25 8.27
4 1.82 3.555 3.50 2.74 8.24
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TABLE 2 (XXIV) a
Summary of Results of the Analysis of Kinetic Data for 
Comparison of the Calculated and Observed Rate Constants 
of Reaction of Ketomalonic Acid with Periodate 
at Different Temperatures
1.0°C 25°C 40°C
•
k° = 0.273 ii
o
2.20 o ii 8.15 dm3mo1 s 1
VO•toII
1
k" = 5. 9 k“ = 10.0 dm3mol s 1
PKX =
PKr = 
PK2 =
2.16 
= 2.47 
= 3.90
pRj =
PKi
PK2
1.40 
= 2.50 
= 3.86
P K, =
PKj
pK2
2.22 
= 2.26 
= 3.94
pH ■^ obs ■^ calc pH ■^ obs ^calc pH obs ^calc
1.10 0.036 0.02 1.08 0.350 0.771 1.23 0.640 0.696
1.38 0.046 0.046 1.37 0.700 1.11 1.39 0.986 1.06
1.75 0.150 0.152 1.81 1.66 2.04 1.64 1.77 2.18
2.00 0.333 0.329 2.05 2.50 2.58 1.83 3.55 3.47
2.26 0.400 0.459 2.20 3.11 2.95 2.25 4.13 4.66
2.55 0.756 1.15 2.15 3.80 3.80 3.22 8.44 7.64
3.00 1.57 1.31 3.78 4.44 3.19 4.10 4.88 4.13
3.48 1.80 1.01 4.00 3.86 2.46 4.73 1.90 1.51
4.00 0.55 0.393 4.67 0.875 0.794 4.99 1.33 0.816
4.50 0.255 0.137 5.05 0.860 0.398 6.61 0.14 0.018
5.60 0.057 0.011 6.06 0.133 0.038 - - -
6.11 0.035 0.031 - - - - - -
The postulates made above are further elucidated by the analysis 
of the rate data. A complete analysis of rate constants was carried 
out over the whole pH range. The details of the analysis of the kinetic 
data are given in a separate part of this section (2.2.5). The final 
conclusions derived from the analysis are given here:
(a) If the predominant reactive species are periodate and acid 
monoanions, i.e.
[HT ] + [Per ] — -— > products 
then the following relationship can be derived for k~
= k aH**’ + i + v £~ + x + v
^  aH+£2~ Kj a ^f2^
k = observed overall rate constant
k = rate constant of reaction of periodate monoanion with
acid monoanion. 
a^+ = activity of hydrogen ion obtained through pH
measurements of reaction solutions 
Kj, K2 = first and second ionisation constants of tartronic acid
Kj, K2 = first and second apparent ionisation constant of periodic
acid
f , f2” = activity coefficients of monoanionic and dianionic 
forms of tartronic acid
The equation was applied to the data to see if constant values of 
k~ were obtained in the pH range < 5, e.g. in Table 2 (XXV), the values 
of k only vary from 9.5 to 10.9 in the pH range 2.55-4.7. The results 
are listed in Tables 2 (XXV) to 2 (XXVII) at three different 
temperatures.
TABLE Z (XAVJ
Results of Analysis of Kinetic Data for Determination.
of the Values of k for Tartronic Acid at 1°C
No pH
I
(Ionic Strength) k k"
mol dm 3 dm3 mol Js 1 dm3 mol”1 s 1
1 2.05 0.116 0.421 3.03
2 2.55 0.100 4.00 9.53
3 3.78 0.106 7.20 9.38
4 4.70 0.111 4.66 10.90
5 5.39 it 2.28 26.18
Average k (no. 2-3) = 9.45
TABLE 2 (XXVI)
Results of Analysis of Kinetic Data for Determination 
of the Values of k for Tartronic Acid at 25°C
No PH
I
(Ionic Strength) k k”
mol dm 3 dm3mol Js 1 dm3 mol xs 1
1 2.25 0.116 1.76 4.21
2 3.13 0.100 9.45 11.49
3 4.00 0.106 11.7 16.5
4 5.025 0.111 10.6 16.6
5 5.62 it 5.75 100
Average k“ (no. 3-4) =16.6
TABLE 2 (XXVII)
Results of Analysis of Kinetic Data for Determination
of the Values of k for Tartronic Acid at 40°C 
Average k (no. 3-4) =19.5
No PH
I
(Ionic Strength) k k”
mol dm”3 dm3mol 1s”1 dm3mol Js 1
1 2.02 0.116 2.00 12.2
2 3.02 0.100 12.0 16.3
3 4.03 0.106 13.3 19.2
4 5.22 0.111 10.0 19.7
5 5.93 it 5.84 198
(b) If, in addition, reaction occurs between the periodate monoanion 
with undissociated tartronic acid, i.e.
o
[H2T] + [Per J -----> products
then
~\
k-
[vf‘ + JK  * ilIv J1 K, J
Kl1 + ----- [v f " + ll
V f’J < I J
v..
where k° represents the rate constant of reaction of periodate monoanion 
with undissociated tartronic acid, and the other symbols have the same 
significance as described previously.
Here again, by applying the observed rate data, this equation 
should give rise to a series of constant values at pH < 4. From the 
resultant values for kQ, it was shown that they were not constant in the 
pH range studied. So the possibility of the reaction of periodate 
monoanion with undissociated acid was discounted in this case.
(c) If, in addition, reaction occurs between the periodate monoanion 
and acid dianion, i.e.
.2-
[T ] + [Per J ----- »• products
then the following relationship can be derived for k
V£2- k-
1CM
K2f~ '
1 +
K2f" }
1 +
I vf2‘J V f2“J
2”
2 -
+ 1
K f 
2
1 +
M " '
+f2“
Similarly, here, k represents the rate of reaction of periodate
Results of Analysis of Kinetic Data for Determination
of the Values of k2 for Tartronic Acid at 1°C
No PH
I
(Ionic Strength) k k2“
mol dm 3 dm3 mol *s 1 dm3mol *s 1
4 4.74 0.111 4.66 2.74
5 5.39 0.111 2.28 2.04
6 6.20 ii 1.75 3.07
7 6.76 it 2.46 14.00
Average k2~ (no. 4-6) =2.65
TABLE 2 (XXIX)
Results of Analysis of Kinetic Data for Determination 
of the Values of k2 for Tartronic Acid at 25°C
No PH
I
(Ionic Strength) k k2-
mol dm""3 dm3mol *s 1 dm3mol’"1s”1
5 5.62 0.111 5.750 5.12
6 6.70 ii 2.800 2.88
7 7.05 it 2.888 3.19
8 8.10 it 4.000 9.30
Average k2 (no. 6-7) - 3.03
TABLE 2 (XXX)
Results of Analysis of Kinetic Data for Determination
2 — O
of the Values of k for Tartronic Acid at 40 C
No PH
I
(Ionic Strength) k k2~
mol dm 3 dm3mol xs 1 dm3mol *s 1
4 5.22 0.111 10.00 8.60
5 5.93 ii 5.846 5.53
6 7.28 ii 3.333 4.58
7 7.68 ii 4.000 7.82
Average k2" (no. 5-6) = 5*05
monoanion with acid dianion. Other symbols have the same significance
as described previously. Here again, the equation was applied to the
data to see if constant values of k2 were obtained in the pH range > 4,
e.g. in Table 2 (XXVIII), the values of k2 only vary from 2.7 to 3.0
in the pH range 4.7-6.2. The results are listed in Tables 2 (XXVIII)
to 2 (XXX). Eventually, from the analysed rate data, the values of
calculated second-order rate constants were obtained and the values are
compared with those of observed. The results are shown in Table 2
(XXXI) . Also the plot of experimental rate constants with those of
calculated values are shown in Fig. 2(n). The method of calculation
of overall rate constant is given elsewhere in this section. As it
is seen from the plot, the experimental values do not agree very well
#
with those of observed. Furthermore, there is a plateau in the pH 
range > 7 in the plot of calculated profile, whereas in the case of 
observed rate profile there is a sharp decrease of rate as the pH 
increased. The reason being that the results of kinetic analysis for 
the higher pH values have been discounted in the calculation of overall 
rate constants. This was the pH region where no satisfactory results 
could be obtained from the analysis of the overall rate data. The 
details of the problems involved for this pH region are given in the 
next section.
(d) Base Catalysis of the Reaction of Tartronic Acid. The second 
maximum in the rate-pH profile was thought, tentatively, to be due to 
hydroxyl ion catalysis of the reaction. For that reason a further 
analysis of the rate data was carried out in the pH region where the 
second maximum appears (Part 2.2.5). The final equation of this 
analysis is given in the following paragraph.
If, at pH > 6, the reaction of acid dianion with periodate
monoanion is hydroxyl ion catalysed, i.e.
Refer to note on the next page*
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TABLE 2 (XXXI)
Summary of Results of the Analysis of Kinetic Data for 
Comparison of the Calculated and Observed Overall 
Rate Constants of Tartronic Acid at 25°C
k = 16.6 dm3mol *s 1 k2 = 3.03
No pH k(Obs) k(Calc) Ri*
*
CM
Dh
dm3mol *s 1 dm3mol *s 1 dm3mol xs 1 dm3mol -s 1
1 2.25 1.76 6.93 6.92 0.008
2 3.13 9.45 13.77 13.64 0.128
3 4.00 11.73 12.56 -11.73 0.830
4. 5.03 10.66 5.61 3.19 2.41
5 5.62 5.75 3.71 0.90 2.81
6 6.70 2.80 3.22 0.390 2.83
7 7.05 2.88 3.36 0.033 3.33
8 8.10 4.00 4.82 0.001 4.82
9 9.45 1.07 6.09 0 . 0 0 0 6.10
10 10.10 0.457 6.17 0 . 0 0 0 6.17
Note: The ionisation constants are an important factor in deter­
mining the pH profile (see eqn. 21 on page 155), so a possible 
explanation for the discrepancy is that the reported ionisation 
constants are incorrect.
k(Calc) = Ri + R2 where
Ri and R2 are the contributions to k(Calc) made by the reactions 
involving the tartronate monoanion and dianion respectively (see 
eqn. 21 on page 156).
Figure 2(n)
Observed and Calculated Rate-pH Profile for Reaction 
of Periodate with Tartronic Acid at 25°C
O Exp1.40
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PH.
[T2 ] + [Per ] + [OH ] — ffl— .» products
then the following equation can be obtained
k -
[OH'J
fvf2~ * l ' K f “ 'i + 2
K f“'' 2 J Vf2'J
where kQ^ represents the rate of hydroxyl ion catalysed reaction of 
periodate monoanion with tartronic acid dianion and [QH~] is the 
concentration of hydroxyl ion present and is determined through the 
pH measurements of the reaction solutions. The other elements have the 
same meanings as described in preceeding discussions.
Here again, the aim is to search for a series of constant values 
for kg^ over the pH range where the second maximum appears in the 
rate-pH profile of the tartronic acid reaction.
The values of kQ^ j vary from ~106 to -1010 over the pH range 
studied (pH > 6). As well as varying, the values of k^^ are so high 
that they are not acceptable. Further experiments were carried out in 
order to determine whether or not the second maximum was due to the 
base catalysis of the reaction.
Investigation was carried out to study the possibility of the 
base catalysis in the pH range 8-10 by using ammonia buffers. Ammonia/ 
ammonium chloride buffers with different concentrations were used. The 
idea was to obtain a plot of variation of rate of reaction with 
concentration of ammonia at constant pH, ionic strength and substrate
k" k2"
K2 f” '
i +
K2f“ '
i + i^ 2’ +1] K2£~ '1 +
Vf2'J Vf2"J ■ v£2‘
concentration. From the slope and intercept the catalytic constant 
for ammonia and rate of reaction in unbuffered condition could be 
calculated. The results are listed in Tables 2 (XXXII) to 2 (IXXXVII). 
An example of the plot of variation of the rate of reaction with buffer 
concentration at pH 9.47 is given in Fig. 2(o). From the intercepts of 
the plots, k', at different pH, a comparison can be made with the rate 
constants, k, obtained in unbuffered solutions. The list of these 
values is given in the following table at 25°C.
pH
[Tartronate] k k'
mol dm 3 dm3mol *s 1 dm3mol xs 1
8.57 0.005 31.8 32.3
9.47 0.005 1.30 1.29
n 0.002 1.30 1.70
10.05 0.005 0.543 0.542
From the table it is shown that with concentration of 0.005 of 
tartronate, k and k' agree fairly well. This is what is expected.
But when the concentration of substrate is changed, the values do not 
agree (see results at pH 9.47). Here, it is not certain whether the 
difference between the two is significant. If it is, then some 
unknown factors must be involved in the buffer catalysis.
(iv) Malonic Acid. The rate-pH profile for the malonic acid is 
given in Fig. 2(p). Here a maximum is observed at pH 4.5, followed 
by a decrease as the pH increases. In order to explain this, the 
different species in the reaction mixture should be considered over
Experimental Result for the Variation of the Rate of
Periodate Oxidation of Tartronic Acid with Concentration 
of Ammonia /Ammonium Chloride Buffer at 25°C and pH 9.47
I(Ionic Strength) = 0.065 mol dm"3 
[Tartronate] = 0.002 mol dm"3 
[PerJ = 0.50 x 10"H mol dm 3
No
kx x 10 5 k = k ^ C(concn.of NHi*Cft) 
mol dm 3
Concn.of NH3
-l
s dm mol" s mol dm 3
1 542 0.108 0.050 0.050
2 460 0.184 0.025 0.050
3 431 0.259 0.0166 it
4 406 0.325 0.0125 ti
5 388 0.388 0.010 it
TABLE 3 (XXXIII)
Experimental Result for the Variation of the Rate of 
Periodate Oxidation of Tartronic Acid with Concentration 
of Ammonia /Ammonium Chloride Buffer at 25°C and pH 9.47
I (Ionic Strength) = 0.065 mol dm"3 
[Tartronate] = 0.005 mol dm"3 
[Per] == 0.50 x 10 4 mol dm 3
No
kj x 10"5 k = k;/c
dm3mol *s 1
C(concn.of NH^C^) 
mol dm 3
Concn.of NH3
~1s mol dm 3
1 1643 0.328 0.050 0.050
2 1183 0.473 0.025 0.050
3 978 0.587 0.016 it
4 880 0.704 0.0125 ti
5 823 0.823 0.010 ii
TABLE 2 (XXXIV)
Experimental Results for the Variation of the Rate of
Periodate Oxidation of Tartronic Acid with Concentration
of Ammonia, /Ammonium Chloride Buffer at 25°C and pHl0.05
I(Ionic Strength) = 0.065 mol dm~3 
[TartronateJ = 0.0050 mol dm-3 
[Per-] = 0.50 x 10"** mol dm”3
No
kx x 10"5 ^ ^ i'/c
A 3 I- 1 1dm mol s
C(concn.of NH^Q,) 
mol dm”
Concn.of NH3
s”1 mol dm”3
1 1485 0.297 0.050 0.20
2 824 0.329 0.025 it
3 665 0.398 0.016 ii
4 586 0.468 0.012 ii
5 512 0.586 0.010 n
TABLE 2 (XXXV)
Experimental Result for the Variation of the Rate of 
Periodate Oxidation of Tartronic Acid with Concentration 
of Ammonia /Ammonium Chloride Buffer at 25°C and pH 9.56
I (Ionic Strength) = 0.065 mol dm”3 
[Tartronate] = 0.0050 mol dm”3 
[Per-] = 0.50 x 10”1 mol dm”3
No
ki x lCf5 k = ki/c C(concn.of NHi*C&) Concn.of NH3
-1
s dm3mol *s 1 mol dm”3 mol dm”3
1 1319 2.65 0.0250- 0.010
2 973 1.95 0.0125 0.010
TABLE 2 (XXXVI)
Experimental Result for the Variation of the Rate of
Periodate Oxidation of Tartronic Acid with Concentration
of Ammonia /Ammonium Chloride Buffer at 25°C and pH 8.57
I (Ionic Strength) = 0.065 mol dm"3—  ■      1
[Tartronate] = 0.0050 mol dm-3
[Per-] = 0.50 x 10 ^mol dm 3
No
k1 x 10"5 k = k J r C(concn.of NH C£) Concn.of NH3
-l , 3 -1 1 -3 ' -3
s dm mol s mol dm mol dm
1 2340 4.72 0.050 0.101
2 1910 3.85 0.025 0.010
3 1750 3.51 0.016 0.010
4 1710 3.44 0.012 0.010
TABLE 2 (XXXVII)
Experimental Results for the Variation of Catalytic 
Constant of Ammonia Buffer with pH for the Periodate 
Oxidation of Tartronic Acid at 25°C
I (Ionic Strength) = 0.065 mol dm 3 
[Tartronate] = 0.0050 mol dm"3 
[Per.] = 0.50 x 10 * mol dm 3
No PH
kNH3
Catalytic Constant
dm+6mol 2s 1
1 8.57 32.3
2 9.36 40.2
3 9.46 41.0
4 10.0 48.0
Plot of Variation of the Rate of Reaction of the
Periodate Oxidation of Tartronic Acid with the 
Concentration of Ammonia Buffer at pH 9.47 and 25°C
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the whole range of pH in which the reaction was investigated. As 
discussed previously, in the pH region of 3-7, the periodate monoanion 
is the predominant periodate species. In the pH range 2.5-3.5, for 
malonic acid, the predominant species are monoanionic and undissociated 
forms (pKj = 2.76).^ Above pH 5.5, the existence of acid dianion 
becomes important (pK2 = 5.7). So it can be assumed that the maximum 
in rate-pH profile should belong to the predominant reaction of periodate 
monoanion with acid monoanion. The possibility of the reaction of 
periodate monoanion with acid dianion at higher pH values must also be 
considered.
A quantitative treatment based on the above postulates was carried 
out. The derivation of the equations used is given in a separate part 
of this section which is very much similar to that of tartronic acid 
reaction. Similarly, k and k2 , again, refer to the reaction of 
periodate monoanion with monoanionic and dianionic forms of acid 
respectively. The analysis of kinetic data also was carried out for 
the possibility of reaction of periodate monoanion with undissociated 
malonic acid. No acceptable constant value was obtained for k°, hence 
the reaction of periodate monoanion with undissociated acid was 
discounted. The results of the treatment are listed in Tables 2 (XXXVIII) 
to 2 (XXXXIII) for the values of k and k2"" at different temperatures.
From the values for k and k2 , calculated second-order rate constants 
of reaction were obtained over the whole pH range. The results are 
shown in Table 2 (XXXXIV) at 25°C. The method for calculation is 
exactly similar to that of tartronic acid and the details of 
calculations are represented in a separate part (2.2.5). A plot 
comparing calculated and observed rate constants is shown in Fig. 2(q).
A good agreement between the calculated rate constants with those of 
experimental values is observed up to pH 7.
TABLE 2 (XXXVIII)
Results of Analysis of Kinetic Data for Determination 
of the Values of k for Malonic Acid at 25°C
No pH
I
(Ionic Strength) k k"
mol dm 3 dm3mol *s 1 dm3mol *s 1
1 1.920 0.140 0.0028 0.023
2 2.72 ti 0.0095 0.020
3 , 3.59 ii 0.018 0.021
4 4.12 ii 0.020 0.020
5 4.49 ii 0.017 0.023
6 5.3 0.180 0.012 0.022
Average k~ (no. 1-6) >  0.022
TABLE 2 (XXXIX)
Results of Analysis of Kinetic Data for Determination 
of the Values of k for Malonic Acid at 38°C
No pH
I
(Ionic Strength) k k“
mol dm 3 dm3mol *s 1 dm3mol 1s 1
1 1.94 0.14 0.0046 0.083
2 2.76 ti 0.017 0.047
3 3.67 ii 0.032 0.038
4 4.05 ii 0.038 0.042
5 4.56 ii 0.033 0.039
6 5.37 0.185 0.024 0.042
7 5.99 ii 0.0093 0.049
Average k~ (no. 2-7) * 0.042
TABLE 2 (XXXX)
Results of Analysis of Kinetic Data for Determination 
of the Values of k for Malonic Acid at 50°C
No pH
I
(Ionic Strength) k k
mol dm 3 dm3mol *s 1 dm3mol"”1s~1
1 1.93 0.140 0.0098 0.206
2 2.72 it 0.030 0.080
3 3.67 ii 0.051 0.059
4 4.59 it 0.054 0.062
5 5.42 it 0.035 0.060
6 6.01 ii 0.019 0.097
Average k" (no. 3-5) = 0.059
TABLE 2 (XXXXI)
Results of Analysis of Kinetic Data for Determination 
of the Values of k2 for Malonic Acid at 25°C
k = 0.022 dm3mol *s 1
No JSL
I
(Ionic Strength) k k2"
mol dm”3 dm3mol *s 1 dm3mol *s 1
6 5.30 0.180 0.012 0.00132
7 5.87 ii 0.004 0.00110
8 6.58 ii 0.0017 0.00080
9 7.03 it 0.0014 0.00103
10 8.70 ii 0.00081 0.0048
Average k2 (no. 7-9) = 0.96 x 10 3
TABLE 2 (XXXXII)
Results of the Analysis of Kinetic Data for Determination 
of the Values of k2 for Malonic Acid at 38°C
k = 0.042 dm3mol 1
-l
s
I
No pH (Ionic Strength) k k2~
mol dm 3 dm3mol 1s 1 dm3mol *s 1
7 5.99 0.180 0.0093 0.0035
8 6.74 ii 0.0051 0.0042
9 7.17 ii 0.0034 0.004
10 8.08 ti 0.0023 0.0042
Average k2“ (no. 8-10) = 0.42 x 10"2
TABLE 2 (XXXXIII)
Results of the Analysis of Kinetic Data for Determination 
of the Values of k2~ for Malonic Acid at 50°C
k = 0.059 dm3mol *s 1
No pH
I
(Ionic Strength) k k2~
mol dm 3 dm3mol *s 1 dm3mol Js 1
6 6.01 0.140 0.019 0.010
7 6.70 0.185 0.011 0.0092
8 7.09 ii 0.0082 0.0081
9 8.11 it 0.0056 0.011
Average k2“ (no. 6-9) = 0.96 x 10"2
TABLE 2 (XXXIV)
Summary of the Results of the Analysis of Kinetic Data
for the Comparison of the Calculated and Observed
Overall Rate Constants of Malonic Acid at 25°C
k = 0.022 dm3mol 1s 1 
k2“ = 0.00096
No PH
k(Obs) k(Calc) Ri* r 2*
dm3mol *s 1
3 - 1  - 1
dm mol s dm mol s 1 dm3mol *s 1
1 1.92 0.0023 0.0022 0.0022 0 . 0 0 0 0
2 2.72 0.0095 0.0104 0.0103 0 . 0 0 0 0
3 3.58 0.018 0.019 0.0190 0 . 0 0 0 0
4 4.12 0.020 0.0201 0.0200 0.0001
5 4.45 0.017 0.0191 0.0191 0 . 0 0 0 0
6 5.30 0.012 0.0112 0.011 0.0002
7 5.87 0.004 0.0056 0.0048 0.0008
8 6.59 0.0017 0.0019 0.0011 0.0008
9 7.03 0.0014 0.0012 0.0008 0.0004
10 8.70 0.0008 0.00016 0.0001 0.00006
k(Calc) = Ri + R2 where
Ri and R2 are the contributions to k(Calc) made by the reactions 
involving the malonate monoanion and dianion respectively (see 
eqn. 21 on page 156).
Observed and Calculated Rate-pH Profile of Reaction
of Periodate with Malonic Acid at 25°C
0  Calc 
• Expt
I og k
3. 60
(v) Conclusions. Obviously, from the results presented in previous 
discussions, the monoanionic form of acids plays an important role in 
the periodate oxidation of the compounds under study.
O — 2 ~
The Arrhenius equation was applied to the values of k , k and k , 
The transition state theory equations were applied in order to calculate 
AH^ and AsK The various activation parameters with corresponding rate 
constants at 25°C are given in the following table.
TABLE 2 (XXXXV)
The Various Rate Constants and Activation Parameters 
Obtained for the Periodate Oxidation of 
Carboxylic Acids at 25°C
Reaction RateConstant
Activation
Energy
Frequency
Factor
Enthalpy
of
Activation
AH+
Entropy
of
Activation
Asf- ea A
dm3mol 1s 1 kJ mol 1 dm3mol *s 1 kJ mol 1 kJ mol 1
COOH
1 _ 
C=0+Per 
1
COOH
COO"1
k° = 2.2
C=0+Per1
COH
COO"1
k" = 5.9 19.2 1.3 x 101* 16.6 -185
CHOH+Per
COOH
COO"
k" = 16.6 13 3300 10.0 -197
CHOH+Per
coo-
k2"=3.0 14 907 11.6 -196
TABLE 2 (XXXXV) (Conti
coo”1
CH2+Per
COOH
k”=22x10”3 30 5100 28.2 -175
COO"i
CH2+Per
COO"
k2”=0.96xl0”3 37 2800 54.0 -120
0 0
I H _ _ 
H-C-C-O+Per
k” = 0.12* - - - -
■k _
The value of k for glyoxylic acid is approximate, since it has been 
estimated from the rate-pH profile.
The examples of Arrhenius plots are shown in Figs. 2 (r) to 2 (t).
The results are only approximate, but they are sufficient to show that
the activation energies are very low. It becomes more obvious that
these reactions are not simple one step processes, but they involve at
least two steps. As discussed previously, the formation of an
intermediate in the periodate oxidation of functional groups is well 
26known. Bose et.al. suggested a mechanism for the hydroxylation of 
active methylene groups by periodate. With malonic acid as an example, 
hydroxylation can result from the breakdown of the six-membered cyclic 
complex as intermediate, formed between periodate and the hydrated enol 
form of the malonic acid to yield tartronic acid which reacts further 
with periodate, e.g.
Rate-pH Profile of Periodate Oxidation of 
some Carboxylic Acids at 25°C
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The Arrhenius Plot for Determination of Activation
Energy for the Reaction of Periodate Monoanion 
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In general, to explain the low values of AH^ and E^, the following 
reaction scheme is considered:
[carboxylate] + [Per ] i — —— > products
This is the simplest scheme which can be drawn in the case of the 
reactions under study. This involves only a reversible stage of 
intermediate formation, which is followed by decomposition into the 
final products. The latter stage is, here, assumed to be a rate- 
determining step. The following enthalpy profile can be drawn for the 
above reaction scheme.
Figure 2(u)
The Hypothetical Energy Profile for the Reaction of 
Carboxylic Acids with Periodate
AH
[Carboxylate] + [Per-] AH
Products
Reaction Path
Here, AH is the enthalpy of the intermediate formation and AHit and 
AH2^ refer to the enthalpy of activation of intemediate formation and 
its decomposition respectively. If the first equilibrium is an 
exothermic process, i.e. AH negative, then the observed AH^ will be less 
than AH2 :^
AH* = AH2* + AH
The above hypothetical diagram is consistent with the reaction 
scheme suggested by Bose et*al.
Large negative values of entropy of activation are indicative 
of the transition state being more ordered than the reactants. This is 
consistent with a cyclic transition state.
When the values of k , AST and AH' for different acids are compared,
_  1 1  1 
it is seen that as k increases both AS1 and AH' decrease. Since AG'
= AH^ - TAS^, the decrease in AS^ and AH^ have opposing effects on the
1
rate, i.e. the decrease in AH' is partly compensated by the decrease in
i 2 —
AS'. The same trend is followed by the two k values (malonic and 
tartronic acids).
2.2.5 THE TREATMENT OF THE KINETIC DATA
(a) The Analysis of Kinetic Data for the Reaction of Malonic and 
Tartronic Acids
If it is assumed that second order reactions are possible with all 
the periodate species, then the total rate is given by:
d[Per]
rate = -------  = TD] CPer-]
dt i
[D] = Total concentration of reductant
[Per] = Total concentration of periodate
[Per^ ] = Different periodate species
k. = Rate coefficient for [Per.l
1 L iJ
The equation can be expanded as follows: 
d[Per]
= [DJ k [H5I06] + k [Per-] + k2-[Per2 ] + k3 [Per3 ] +
dt
[Per"] = [10,"] + [H„I06"j
[Per2"] = [HI052'] + [H3I062']
[Per3-] = [I053"] + [H2I063‘]
Over a limited range of pH one or more terms in this equation are 
negligible, so a simplified equation can be considered. Taking tartronic 
acid as an example, the following treatment can be carried out.
The overall reaction of periodate with tartronic acid is:
[T ] + [Per] ----— ► products
[T] = Total concentration of acid and its anions
[Per] = Total concentration of periodate species
[ f ]  = [h2t ]  + [ in ']  + [T2-]
[Per] = [H icy + [Per-] + [Per2-] + ...
(1)
(2)
Consideration of the above equation for the periodate oxidation of 
tartronic acid, the kinetic analysis of the overall observed rate constant 
in respect to each reactive species can be carried out as follows:
(i) If the predominant reactive species are Per and HT , i.e.
then
where
[HTj + [Per ] — — — > products
[f] = [ht_]
+f
+ 1 +
K2f
aH+f
2-
K, [T2' ] V f2"
' [Iff- ]  V £
[HT [h 2t]
From eqn. (3) and (2):
[Per] = [Per ]
3,,+f K f
5 ___ + i + 2
Ki V £2-
(3)
(4)
(5)
or
[Per ] =
+f
[Per]
+ 1 +
K f 
2
+f2“
where
K,
[H+] [Per~]
[h5io 6]
K.
[H ] [Per2-] 
[Per ]
(6)
Kj and K2 are the first and second apparent ionisation constants of 
periodic acid.
Total observed rate = k[f] [Per] = k [HT~] [Per”] (7)
From there:
k = k
[T] [Per]
[HT-] [Per-]
By substituting equations (3) and (5) into the above relation: 
k” = k
(8)
[vf*,. , k2£' '[v£' + 1+ m:|2 *Ki v£ . Kx Vf2‘ C9)
(ii) If, in addition, reaction occurs between H2T and Per , i.e.
[H2T] + [Per”] > products
then
[T] = [H2T]
Ki KiKa
1 +   +
V £ a2H+£2’
(10)
or
[h 2t] =
[T]
Kj KjK2
1 +   + ------
(11)
aH+f
a2 +f2'  H r
Total observed rate = k[f] [Per] = k [HT J[Per ]+ k°[H2T] [Per ]
By arranging the above relation to ki and then to k , an equation can
obe obtained for k , i.e.
_[HT-] [Per-] [H2T] [Per-]
__________
[T] [Pir] [T] [Per]
(12)
or
k =
(V £- + i +  K2£-|
V f + 1 + K2£
. K, V f 2-. . K, aH+f2’
K2Kx 1
1 +  +
K,
v f aV f2’
[ V f_ + , + V ’ 1  + _L +
Ki V f2"J
C13)
below pH 4: 
k
fvr 1 + 1 r-4
1+cf Ki 1
1 + [vf- + ,|“ “ ^ X
K, j. K, V £’J
T X
Ki J
(14)
then
k = k -
rv f
+ 1
Ki
fvf"+ 1
K,
1 +
Ki 1
I V f J
rv £'+ 1
1*1
(15)
(iii) If, in addition, reaction occurs between T2 and Per
2-1 ^
[t 2~] +[Per ] products
Above pH 4:
[T] = [HI'-] + [T2-]
2 -
[f] = [T2-] — ---  + 1
K,f
or
[T2' ]  =
[Tj
“h
+£2 -
(16)
+ 1
Kof*
In this condition:
Observed overall rate = k[f][Per]
= k'[HT ] [Per-] + k2'[T2~] [Per"]
from the above equation:
_[irr ] [Per~] _ [I2"][Per-]
k = k + k‘
[f][Per] [f][Per]
By substituting equations (15) and (16) in the above relation:
k =
(17)
k" . k2"
K2£" ’
1 +
K2f" ’
1 + fv.f2" + il
K2f“ '
i +
• v£2~1 2- I V£ j  ^ 2 '[ vf2 J
then
2“ k -
1 +
K2f
.+£2“
1 +
K2f
+£2“
faH+f2" + 1
K2f
1 +
+£2“
(18)
(iv) If, in a pH range above 6, the reaction of acid dianion with 
periodate monoanion is hydroxide ion catalyzed, then the equations are
[ T2 ] + [Per ] + [OH ]-- ffii— » products
[Per'] IT2"] [Per"] [T2"] [Per'] [OM~]
+ k' - + k
[T] [Per] [T] [Per] OH [T] [Per]
and
2-
k =
K f ] 
1 + 2
f K f ’ l 
1 + 2 [vf2~ )f M ’ l1 + 2
I vf2'l 2^ —I v£ J K f"2 -2-1 v£ J
koH[afJ
+f2'
V + 1
V
1 +
K f
2
V f2"J
By arranging the above equation for (rate of hydroxide ion 
catalysis):
k -
1CM1r
*
f K f ' l  
1 + 2
K f "
1 + 2
r r2 — \
V  * l
' K f" ' 
1 + 2
1 V £2”JI v £H
T J.
K f “
 ^ 2 I v f 2 J
"OH
[OH'J
fv£2~ .]
--------  4- 1
K f”' 
1 + 2
K f"2 V f21
(20)
(v) The total overall calculated second-order rate constant can be 
shown as:
k° +
tf
+ 1
K,
aH
+f
+ 1
K,
Ki ii + K  + j
■ v r i K, J
(calc)
1  +
Ki
v £
v f + 1
K,
v£
. Ki
K,£
+ 1 + vf2'J
a^f” K2£"
I Ki aH+f
2“
2-
r0 2 +-P2" fa h+£ V £2-
+ 1
KiK2 K2£"
au+£ K2f"
-0  + 1 +
Ki V f21
2 r2 —
a H* + V  + x
K1K2 K2£
+£
+ 1 +
K2f
Ki V f
2 -
(21)
For simplicity
Ri v£
+ 1 +
K2£
K, aH+f
2 -
v£" K2£
I Kx V £
2-
R5
' 2 r 1 ~  n 2 ~  'I
a h+£ aH
K,K5 K2£
a„+f K f
-H + 1 + - 2
V £
2”
(b) The Analysis of Kinetic Data for the Periodate Oxidation of 
Ketomalonic Acid
Tentatively, in the oxidation of ketomalonic acid with 
periodate, the dependence of rate on pH is accounted for 
by reaction between periodate and ketomalonate monoanions.
Another possible route involves periodate monoanions and 
undissociated ketomalonic acid. The relevant equations are derived 
below. Activity coefficients are omitted from this treatment because the 
runs were carried out at constant ionic strength, and the precision of 
the results was not very high.
If the total periodate concentration is denoted by [Per], then the 
sum of mono and unionized species is given by:
r Ln+]
[Per] = [H5I06]+ [Per-J = [Per-] + 1
K,
(1)
where
Ki
[H+|[Per-] 
[HsIOe]
and
[Per-] = [IO.-] + [H„I06-'|
For the ketomalonic acid species a similar relation holds:
[keto] = [h 2a ] + [ha] + [a 2-] (2)
where [KETO], [h2A], [ha] and [A J represent the concentration of total, 
undissociated, monoanion and dianionic ketomalonic acid respectively. 
Then:
where
[KETO] = [HA]
[H+l K2
   + 1 +
K, H+]
= [h2a]
Ki KjK2
1  +
[H ] [H |
K,
[H+] [HA] 
[H2A]
(3)
[H+] [A2’]
K2 = --------
[HAJ
From eqn (1): 
[Per
[Per]
K J
(4)
+ 1
K,
From eqn (3): 
[HA]
[H2A] =
[KETO]
[H+l K2
  +  1 +  — —
Ki [H+]
[KETO]
(5)
Kx KiK2
X •.1 " +
[H+l [H+]2
(6)
Rate of reaction between ketomalonate and periodate monoanions 
(the most probable reactive species) = k [Per J[HA].
Rate of reaction between ketomalonic acid and periodate monoanion = 
k° [Per-] [H2A].
The measured rate is given by:
Measured rate = k [Per] [KETO] = k [Per ][HA] + k°[Per ] [H2A] (7)
By substituting eqns (4), (5) and (6) into eqn (7), the following 
relation can be derived:
Measured
rate
k“ [Per][KETO] k° [Per] [KETO]
[S+J I'[H+] K2 ' [H+l 4. 1
Kx KxK2
1 -L J-- +
Ki K. [H+]
/
Ki
/
[H+] [H+]2 „ /
Hence observed rate constant is given by:
k = + -
[H+] I
i T
f Ki KjK2 '
1 i _i_
[H+] K2 1
+ 1
Ki
V /
1 [H+J [H+]2j Ki + 1 +  [H+]J
(8)
r ]  + rH+i
Above pH 3, the term ■ is negligible. Similarly the term -— -
Ki Ki
becomes smaller and the k° term tends to be negligible as well. In this 
pH range the most predominant reactive species are periodate and 
ketomalonate monoanions. So:
k =
K,
1 +
[H+l
i.e.
kKc
k~ = k +
[h +] ’
1
k
K
k "[H +J k
2 + i (9)
K;1 1 1 A plot of t- against — —  gives an intercept of —  with slope —  .
k [H J k"
At pH < 3:
k =
1 \ k° 
+
K.1 _i_ 1
[H+l Kx
4-1 1 4-+ 1
Ki Ki [H+] ;
(10)
let
[H+]
  + 1
Ki
kL = — --- + --- ----  (XI)
[H ] K,
+ 1 1 +
Ki [H+]
k2 kx k2
At higher acid concentration the values of — —  and — -—  become
[h ] [h ] 2
negligible respectively. So we can write:
J2
K ]
Ki
then
k” k°
kLi = —  --- +
1 + L2 i + f
i->2
or
l Or k L2
1+L:
= kLi -
1+L:
(12)
i.e,
II
o
1 + i- P 1
**
1
L2j 1 + l 2
(13)
For the pH range in which the undissociated acid appears to be the 
most reactive species, the calculated values of k° should be 
constant.
SECTION 3
KINETICS AND MECHANISM 
OF
OXIDATION OF GLYCEROL-1-MONQACETATE 
BY PERIODATE IN AQUEOUS SOLUTION
3.1. INTRODUCTION
3.1.1 Periodate Oxidation of Some Functional Groups in Organic
Chemistry with Particular Reference to the Reaction of 
Vicinal-Diols
In the last decade or so, the organic chemistry of periodate has 
grown mainly in two directions. The cleavage of vicinal-diols has been 
studied and a consistent picture of the mechanism is emerging.
Secondly, the analysis of the products of oxidation of diols, namely 
carbonyl compounds, has proved a powerful tool in structural studies of 
biologically important compounds such as carbohydrates.
The most widely studied topic in periodate oxidation is oxidative
cleavage of vicinal-diols. Oxidation is fast under normal conditions
and depending on the nature of the diol aldehydes/ketones are formed,
e.g. ethane-1,2-diol and pinacol are oxidized to formaldehyde and
acetone respectively. Similar cleavages occur in the oxidation of
1 2a-hydroxy-carbonyl and a-dicarbonyl compounds by periodate. *
The stoichiometry of the periodate oxidation of vicinal-diols is:
Ri
I
OH —  C —  R2 + I0„
OH — C — R3
i
R„
This is a two electron oxidation, requiring one molecule of periodate 
in which the iodine atom is reduced from the +7 to the +5 valency 
state with the formation of iodate ions.
Similar reactions occur between vicinal-diols and certain other 
oxidants. Lead-tetra-acetate has long been used as a diol-cleaving
Ri R3
■4- '''CO + C O  + I03" + H20
3 4reagent. Iodozobenzene diacetate, sodium bismuthate and chromium
trioxide react similarly. In general, little is known about the
mechanism of these reactions.
3.1.2 Evidence for the Formation of Intermediates and Their 
Structural Requirements
There is a considerable body of evidence supporting the existence 
of a cyclic intermediate in the oxidation of vicinal-diols by periodate. 
The majority of this evidence has been obtained through kinetic studies.
In his study of the kinetics of the ethane-1,2-diol-periodate 
reaction, Duke^ suggested that the reaction proceeds through a 
co-ordination compound involving both reactant and oxidant, which 
subsequently disproportion ted to give the products.
Buist, Bunton and Miles^ offered a spectroscopic evidence in 
support of the formation of a diol-periodate complex as intermediate 
of the reaction of vicinal-diol with periodate.
The molecular model proposed for the structure of periodate-
diester (Fig. 3(a)) consists of a puckered five-membered ring. Bunton 
7 8and co-workers *■ have discovered steric factors involved in the 
formation of cyclic ester intermediate among the vicinal-diols, e.g. 
in meso-butane-2,3-diol one of the methyl groups must be in a hindered 
position close to one of the oxygen atoms of the periodate group.
3.1.3 A Review of the Kinetics and Mechanism of Vicinal-Diol 
Reactions with Periodate
7
Bunton has reviewed the mechanism of some periodate oxidations
9
and more recently Buist lias gone through a comprehensive survey and
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discussion of the subject with particular emphasis on the kinetics of 
the reactions.
Equilibrium constants for the formation of complex diester have 
been measured for some vicinal-diols and their methyl-substituted 
compounds in the periodate oxidation of diols. The values of
equilibrium vary in a characteristic way according to the nature of
12 10 
substitution. ,
Recently the kinetics of the reaction of pinacol and propane-1,
2-diol were studied. It was proposed that the mechanism of the 
oxidation reaction of these diols involved first formation of an open 
chain monoester between periodate and diol, which could cyclize to a 
cyclic diester intermediate, then followed by the decomposition of the 
cyclic intermediate into the products."^
The pH dependence of rate plays a vital role in the interpretation 
of the kinetic data. In the case ofethane-1,2-diol, the rate constant 
relating to the breakdown of the intermediate complex to the reaction 
products increases with increasing pH up to about 4-5, at which point 
the concentration of the monoanionic intermediate complex is at its 
highest value. As the pH is further increased it begins to become 
smaller and above pH 7 decreases rapidly. In general, the rate of 
oxidation of the simple diols (lightly substituted) is greatest near 
pH 5 where the concentration of the monoanion of the intermediate is 
at its greatest value. This species is the sole decomposing entity 
(probably in its dehydrated form).
A general picture for the mechanism of periodate oxidation of 
vicinal-diols and also the base catalysis in the process of intermediate 
formation is shown in Fig. 3(b) and Fig. 3(c) respectively. A complete
Proposed Mechanism for the Periodate Oxidation
of V icinal Diols.
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Mechanism of Base Catalysis in the Cyclisation 
of a Diol - Periodate Monoester
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picture of hydration-dehydration system of the periodate-intermediates 
are shown in Fig. 3(d) with particular reference to ethane-1,2-diol.
3.1.4 The Substituent Effects on the Periodate Oxidation of 
Vicinal-Diols
The molecular model of the intermediate is a useful tool in the 
interpretation of the rate parameters for the oxidation of diols by 
periodate.
Because the cyclic diester monoanion C2 may exist in hydrated 
(iodine six co-ordinated) and dehydrated (iodine five co-ordinated) 
forms, for simplicity we will consider the cyclic ester dianion which 
can only exist in the hydrated form. Of the four positions for methyl 
substituents, two are axial (H,H!) and two are equatorial (F,F').
Methyl groups in the axial position are subject to steric compression 
by the axial periodate oxygens, but methyl groups on the equatorial 
positions are staggered and are not near any of the periodate oxygen 
atoms. Consideration of the steric and inductive effects of the methyl 
groups led to an explanation of the sequence of equilibrium constants 
observed for methyl substituted diols, and to the prediction of a low 
equilibrium constant for the formation of the cyclic ester from 
pinacol.^ In the series ethane-1,2-diol (X2 = 2700),^ 2-methyl
9- 1? 9- 14
propane-1,2-diol (K = 360) and pinacol (1.8 = K ), the smaller 
effect of introducing the first axial methyl group can be understood 
because the steric compression can be partially relieved by slight 
distortion of the ring, whereas a similar distortion for the pinacol 
ester would relieve the steric compression on one axial methyl group 
only at the expense of increasing the compression on the other axial 
methyl. The alternative of flattening the ring to reduce the steric 
compressions would increase methyl-methyl eclipsing strains. Diols
containing methyl groups in equatorial positions and none in axial 
positions show increased values of K2 compared with ethane-1,2-diol, 
e.g. propane-1,2-diol. This is evidently due to the inductive effect 
of methyl groups.
The rate constant k^, for the decomposition of cyclic intermediate,
increases erratically with increase of methyl substitution and the
approximate value of 0.8 sec 1 for pinacol was an order of magnitude
greater than the largest k^ observed for the other methyl substituted
diols, viz. 0.061 sec 1 for 2-methyl propane-1,2-diol. It was
suggested that, earlier, the dehydrated form of C2 is the decomposing
8 13species and that the hydrated form is a comparably stable species. 9 
If the dehydrated form of C2~ has the trigonal bipyramidal structure, 
the five-membered ring must include one apical oxygen in order to be 
strain free. The exo-cyclic oxygens then point away from the rest of 
the molecule and the steric effects noted in previous discussions for 
the hydrated ester are relieved. Hence one possible factor causing an 
increase in the rate with highly substituted diols is the greater ease 
of the formation of dehydrated ester. However, this can not be the 
only factor, because of the three diols having one axial methyl group 
in the hydrated ester, two have reduced values of k^ compared with the 
third, meso-butane-2,3-diol (k^  = 0.0182 sec 1) and 2-methylbutane-2,
3-diol 0.0244 sec *) compared with methyl propane-1,2-diol 
(kj = 0.061 sec"1).
No evidence for the decomposition of the ester dianion has been 
found yet.
11In recent years, Buist and Bunton applied stopped-flow 
spectroscopy to obtain the rate parameters for the formation of the 
intermediate in the reaction of propane-1,2-diol with periodate.
Holloway‘S  investigated the overall reaction of cyclohexane-1,2- 
diols for comparison with data published for butane-2,3-diols. Finally 
he carried out work on glycerol in which he encountered some 
complications due to the extra hydroxyl group.
He also studied 3-methoxy propane-1,2-diol and 3-chloropropane- 
1,2-diol. The latter was the only compound of the series which 
contained an electron-withdrawing group.
TABLE 3 (I)
Equilibrium and Rate Constants for the Oxidation of some 
Methyl-substituted Ethane-1,2-diols at 0°C
K° K" K2" lO2^ ' 102K2’ 102k^(sec *)
E thane-1,2-diol 10 189 2700 7o4 1.1 4.57
Propane-1,
2-diol
39 500 4100 5.0 0.65 12.0
(±)-Butane-2, 
3-diol
270 - 8000 3.4 0.42 30.0
meso-Butane-2,
3-diol
19 68 370 2.6 0.50 18.2
2-Methylpropane 
-1,2-diol
16 101 360 2.6 0.28 61.0
2 -Me thy lbutane 
-2,3-diol
60 — 940 1.4 0.19 24.4
3.2 THE AIM OF THE PRESENT WORK
The aim of the present work was to obtain the rate parameters for 
glycerol-1-monoacetate, as a vicinal diol containing an electron- 
withdrawing substituent, and to compare with those recorded for related 
diols, viz. propane-1,2-diol, and 3-chloropropane-l,2-diol.
Because the commercial material was very impure, a chromatographic 
technique had to be devised for its purification. This is described in 
Section 4.
3.3 RESULTS AND DISCUSSION
3.3.1 Mathematical Treatment of Experimental Rate Data
The following reaction scheme has already been introduced:
kf k,
Diol + periodate ^  ■■--* C •-----* products
When k^ £ k^, then the intermediate C is in equilibrium with the 
reactants, and with excess diol, the first-order rate constant <p2
r 1/:
of the overall reaction obeys the following relationship: 9
♦2 kdK[D] kd
According to the expression shown above, a plot of reciprocal 
values of the measured first-order rate constants against respective 
diol concentration is predicted to be linear with the slope and
1 d
intercept t— .
Kd
The enthalpy change of intermediate formation is negative, so the 
equilibrium constant increases with decreasing temperature and for 
this reason all the kinetic runs were carried out at 1°C.
3.3.2 The Determination of Equilibrium Constants for the Formation 
of Cyclic Diester and its First and Second Acid Dissociation 
Constants from Experimental Rate Data
8Buist and Bunton postulated the following comprehensive reaction 
scheme for all species involved in the oxidation of a diol by periodate 
in aqueous solution where Per, Per , Per2 and C, C , C2” represent 
uncharged, mono- and dianionic periodate and intermediate complex 
species respectively.
Diol + Per
IV iv
■> products
Ki
Diol + Per^ F
K k'
products
Kc
Diol + Per2-
K2" V
,2 “
k 2-
products
Kj, K2 and Kx', K2' are tlie first and second ionisation constants 
of periodic acid and the complexed acid respectively.
rOKw, K , K2 and k^, k^ k ^  are the equilibrium constants of 
formation and rate constants of decomposition of uncharged, monoanionic
• • Oand dianionic intermediate complexes. The rate constants k^ and k^ " 
have been found to be negligible in all cases studied so far.
From the above comprehensive scheme the following relationships 
were obtained:
2-
2“
In acidic solution, expression (b) reduces to:
1 1 aH+^(c) ±- = -±- + J L _
kd kd- kd-Kl-
Where k^ is the rate constant for decomposition of the monoanionic 
complex, Kj1 is the first acid dissociation constant of the cyclic 
diester. By arranging the formula (c) to k^:
k ~
v = d 
Kd
V
The value of k^ approaches the rate of decomposition of the intermediate 
monoanion in solutions of pH 5-6.
In basic solutions the expression (a) reduces to: 
k ,
v = d
Kd
1 +
K2 ’ f
vf2~
The values of the activity coefficients can be calculated from the 
Davies equation.
The equilibrium constant for formation of the uncharged complex, 
K° = [comPlex intermediate]
[D] [P er]
or
oK = ---
V
where Kj is the apparent first ionisation constant of periodic acid.
3.3.3 Discussion of the Kinetic Data
The first-order rate constants for the overall reaction of periodate 
with excess glycerol-l-monoacetate were obtained over a wide range of 
pH and diol concentrations. Hie composition of these solutions is 
described in the experimental section. The results are listed in Tables 
3 (II) to 3 (VI). In Table 3 (VII) a comparison of experimental data 
has been made for the buffered and unbuffered solutions at pH 5.55.
The approximate value of k£ was determined experimentally at pH 5.55 in 
unbuffered solution and the details of the technique have been discussed 
in Section 4.
Good linear first-order plots were obtained from the rate measure­
ments at different values of pH. Also the plots of against —
(the '’reciprocal plot1) were linear as shown in Fig. 3(e).
From the measured at pH 5.55, the value of k^ has been 
calculated. It is shown that the k^ is much greater than the value of 
k^, hence verifying that the equilibrium condition holds.
Previous work has shown that the deviation from the equilibrium state 
is greatest in the range pH 4-6 for diols in general.^ It is therefore 
expected that the diol under consideration here gives equilibrium 
kinetics at all the pH values studied. This is further supported by 
the observations that good linear reciprocal plots were obtained at 
all the pH values studied.
TABLE 3 (II)
First-Onli.r Rate Constants for Oxidation of 
Glycerol-l-monoacetate at pH 2.08
Unbuffered solution
Run No Diol Concn.
Recip. 
Diol Concn.
4 2 /1o"3
mol dm"3 dm3mol 1 -is s
41 0.0054 185.18 0.545 1834
35 0.0073 136.98 0.694 1441
40 0.0109 91.74 0.780 1282
36 0.0146 68.49 0.860 1162
39 0.0219 45.66 1.001 999
37 0.0365 27.39 1.284 778
38 0.073 13.69 1.530 653
TABLE 3 (III)
First-Order Rate Constants for Oxidation of 
Glycerol-1-monoacetate at pH 3.52
Unbuffered solution
Run No Diol Concn-
Recip • 
Diol Concn. ^VlO"3
mol dm 3 dm3mol 1 -ls s
29 0.0036 277.77 0.876 1142
30 0.0073 136.98 1.27 786
31 0.0146 68.49 1.785 560
32 0.0292 34.25 2.590 386
28 0.0365 27.39 2.691 371
33 0o0584 17.12 2.638 379
34 0.0730 13.69 2.90 344
TABLE 3 (IV)
First-Order Rate Constants for Oxidation of
Glycerol-l-monoacetate at pH 5.55
Unbuffered solution
Run No Diol Concn-
Recip• 
Diol Concn. <f>2/10-3
mol dm 3 dm3mol 1 s 1 s
3 0.0036 277.77 0.942 1061
1 0.0073 136.98 1.356 737
4 0.0109 91.74 1.898 526
2 0.0146 68.49 2.01 495
5 0.0219 25.66 2.418 413
6 0.0365 27.39 2.750 363
7 0.0730 13.69 3.327 300
TABLE 3 (V)
First-Order Rate Constants for Oxidation of 
Glycerol-l-monoacetate at pH 7.51
Buffered solution
Run No Diol Concn-
Recip • 
Diol Concn. <f>2/10-3 V<J>2
mol dm 3 dm3mol 1 s"1 S
17 0.0073 136.98 0.286 3491
19 0.0146 68.49 0.331 3017
20 0.0292 34.24 0.340 2941
24 0.0365 27.39 0.357 2801
21 0.0584 17.12 0.378 2646
22 0.0730 13.69 0.362 2762
TABLE 3 (VI)
First-Order Rate Constants for Oxidation of
Glycerol-l-monoacetate at pH 5.55
Buffered solution
Run No Diol Concn.
Recip• 
Diol Concn. *7 1 0 ”3 1/ H
mol dm 3 dm3mol 1 s”1 s
27
26
0.0073
0.0365
136.98
27.39
1.458
2.803
685
357
TABLE 3 (VII)
First-Order Rate Constants for Oxidation of
Glycerol-l-monoacetate in Two Different Media
at pH 5,55
‘i’V i c f 3 42/IQ”3
Run No Buffered Unbuffered Diol Concn. Per. Concn
- lsec - isec mol dm 3 mol dm”3
27 1.45 1.36 0.0073 0.00010
26 2.80 2.75 0.0365 0.00050
Figure 3(e)
Reciprocal Plots for the Periodate Oxidation of
Glycerol-l-monoacetate at Different pH and 1°C
-2 - l
32 _
28 -
16 -
r n - 1  3 - 1
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TABLE 3 (VIII)
Summary of Parameters Obtained from the Oxidation of 
Glycerol-l-monoacetate with Periodate at Different 
pH Values and 1°C
Ionic Strength = 0.1085-0.100 mol dm 3
cl —-l
dm3mol 1sec
1.61
3.33
3.78
0.381
2.08
3.52
5.55
7.50 355
Experimental results for the values of k^ and k^ at 
pH 5.50 (unbuffered solution):
k^ = 0.28 s"1
k-- = 23 £ mol *s f
From the experimental data, values of equilibrium constants for 
the formation of intermediate were calculated, and a summary of the 
results is listed in Table 3 (VIII).
The pH range was enough to be able to calculate first and second
dissociation constants of the cyclic diester:
K,' = 4.8 x lCf2 dm3mol~1
K2' = 1.3 x lCf6 dm3mol_1
TABLE 3 (IX)
Fundamental Parameters for Periodate Oxidation of
Ethane-1,2-diol at 0°C^ 
Propane-1,2-diol at 1°C^ 
3-Chloropropane-l, 2-diol at 1°C^ 
Glycerol-l-monoacetate at 1°C and 
5-Methoxypropane-l,2-diol at 10C ^
Para­
meter
E thane-1, 
2-diol
Propane-1, 
2-diol
3-Methoxy-
propane-1,
2-diol
3-Chloro-
propane-1,
2-diol
Glycerol
1-mono-
acetate
V 0.074 0.050 0.13 - 0.048
if 189 500 1167 97 80
V 4.57 x 10'3 12.0 x 10“3 6*67 x lCf3 4.0 x 10“3 3.8 x 10~3
Table 3 (IX) summarises results reported for the oxidation of 
some methyl substituted-l,2-diols with those obtained for glycerol 
1-monoacetate and 3-chloropropane-l,2-diol.
Consideration of the structure of the complex diester as represented 
in Fig. 3(a) assists interpretation of the results for the rate 
parameters obtained for this series of diols. In the case of glycerol 
1-monoacetate:
HC— 0
HoC— 0
The acid dissociation constants of the complexes of the diols 
under consideration here are not consistent with the inductive effect
of substituents. From the table it can be seen that Kif for glycerol- 
l-monoacetate, which contains an electron-withdrawing group, is the 
same as Ki1 for propane-1,2-diol, which has an electron-donating 
group, and is smaller than Ki1 for 3-methoxypropane and ethane-1,2- 
diol. The glycerol-l-monoacetate complex would be expected to be a 
stronger acid on the basis of the inductive effect of the acetate 
group. However, the inductive effects are expected to be small on 
account of the distance of the substituents from the acidic proton. 
Furthermore, the interpretation is made uncertain by the possible 
existence of both hydrated and dehydrated foims of the complex, both 
of which are dissociating species. The value of Ki1 would then be 
affected by the ratio of the concentrations of the two forms.
Ethane-diol, propane-1,2-diol and 3-methoxypropane-l,2-diol show 
a successive increase in the values of equilibrium constant which has 
been attributed to the inductive effect of methyl substitution. The 
other diols containing electron-withdrawing groups show lower values 
than others. So it can be concluded that the general stability of 
complex intermediates for diols under consideration is increased when 
an electron-withdrawing group is replaced with an electron-donating 
one.
The variation of values for the diols under consideration show 
some systematic change according to the nature of substitution. The 
values for propane and methoxypropane-l,2-diols are bigger than for 
3-chloropropane-l,2-diol and glycerol-l-monoacetate. This can be 
explained, again, through the inductive properties of substitution.
The prerequisite of the decomposition of intermediate is formation of 
a double bond between carbon and oxygen in a five-membered ring of 
diester complex which is shown as:
The formation of double bonds should be facilitated by the inductive 
effect of methyl substitution. In the case of glycerol-l-monoacetate 
and 3-chloropropane-l,2-diol, containing an electron-withdrawing 
substituent, the formation of double bonds becomes slightly unfavourable, 
leading to a comparatively lower value of k^.
SECTION 4
EXPERIMENTAL DETAILS ELATING TO SECTIONS 2 AND 3
4.1 EXPERIMENTAL FOR THE KINETIC STUDY OE
GLYCEROL 1-MONOACETATE AND CARBOXYLIC ACIDS
4.1.1 GLYCEROL-1-MONOACETATE
(I) Reagents and Materials
In the periodate oxidation of glycerol-l-monoacetate, the source 
of periodate in acid and alkaline solutions was sodium metaperiodate.
Similarly, hydrochloric acid and sodium hydroxide were used to 
adjust the pH of solutions, and sodium or potassium chloride to correct 
the ionic strength of acid and alkaline solutions respectively.
Reagents for buffer solutions of 'Analar' grade, and were used 
without further purification. The commercial glycerol-l-monoacetate 
was provided by two different manufacturers (BDH and Koch-Light). A 
gas chromatographic assay was carried out on the samples of commercial 
glycerol-l-monoacetate, showing them to be mixtures of mono-, di- and 
triacetate glycerol with traces of glycerol. The details of 
separation and purification of the commercial materials are given in 
a separate chapter.
(II) Solutions Employed in the Kinetic Work
For unbuffered solutions a concentrated stock solution of sodium 
or potassium chloride was prepared for acid or alkaline solutions 
respectively. Solutions for kinetic runs were made up by mixing 
appropriate proportions of the stock solution and diol, and diluting 
to give the required diol concentrations and ionic strength.
For buffered solutions, the concentrated stock solutions of the 
buffer were prepared. Solutions for kinetic runs were prepared by
mixing appropriate proportions of the stock solutions and diol, and 
diluting to give the required buffer and diol concentrations and ionic 
strength. And an inert salt was prepared for the adjustment of ionic 
strength if necessary.
The reactant solution thus prepared was transferred to the pH 
cell, where fine adjustment of the pH was carried out at the required 
temperature by addition of small quantities of acid or alkali from 
concentrated stock solutions.
The following buffer solutions were employed in this work.
pH 7.50 - Phosphate
A mixture of potassium dihydrogen phosphate 0.090 M and dipotassium 
hydrogen phosphate 0.090 M was employed as the original stock buffer.
The ionic strength was calculated to be 0.108 M when it was diluted ten 
times. For this buffer, after dilution, no adjustment of pH and ionic 
strength was found necessary.
pH 5.55 - Sodium Acetate
A stock solution of 1 m  sodium acetate was made up and the pH of 
the solution was adjusted to the required value with small additions 
of acetic acid. The stock solution, in dilution, gave an ionic strength 
of 0.10 M and pH 5.55. After dilution, no further correction of the pH 
was found necessary.
4.i.2 CARBOXYLIC ACIDS
(I) Reagents and Materials
As described in the previous reaction of glycerol-l-monoacetate,
the source of periodate in acid and alkaline solutions was sodium 
periodate. For buffered solutions at higher pH values, the dimeric 
salt K^IgOg was used.
Perchloric acid and sodium hydroxide were used to adjust the pH 
of solutions and sodium perchlorate to correct the ionic strength of 
acid and alkaline solutions respectively.
As described before, the reagents for buffer solutions were of 
Analar'grade, and were used without further purification.
Most of the acids employed in the present kinetic work were 
available commercially as 'Analar' grade reagents. They were further 
purified as follows.
Ihe malonic acid was dissolved under reflux in a 50 : 50 by volume 
mixture of dried diethyl ether and benzene. The solution was cooled 
and the malonic acid precipitated by adding light petroleum (40-60°). 
The crystals were dried in an oven about 70-80°C and the 
recrystallisation repeated until a constant melting point was obtained. 
Carbon and hydrogen analysis was carried out on the final crystals and 
the results were satisfactory. The final compound was kept in a 
desiccator over P205.
Sprinson and Chargaff^ suggested that tartronic acid could be 
recrystallized from absolute ether. This method was tried without 
success. Then the Williams method was used. The tartronic acid was
t
triturated several times with dried diethyl ether, thus removing 
coloured impurities and traces of dihydrotartaric acid. White crystals 
were obtained. The crystals melted at 146-147°C with decomposition 
of the compound. A micro-analysis was carried out on the compound
(calculated %C: 3 0 , %H: 3.3). The values obtained in the analysis 
were 29.8 and 3.21 respectively.
No satisfactory methods of purification were found in the 
literature for glyoxylic acid and ketomalonic acid. The laboratory 
reagent ketomalonic acid disodium salt monohydrate was obtained. For 
recrystallisation, the compound was purified by dissolving it in water 
at 50-60°C, then a small amount of absolute ethanol was added when the 
solution was cooling to room temperature. Further cooling in ice 
increased the yield of recrystallisation product. The compound was 
obtained, dried in an evacuated desiccator over P205, for a few days.
The crystallisation was repeated several times. The final product 
separated as granular light crystals. The micro-analysis was performed 
on the product (calculated %C: 20.015, %H: 1.12), and the values obtained 
were 20.0 and 1.101. A constant melting point was obtained. The
percentage of sodium in the compound was determined by atomic absorption;
the results were as follows:
Theor. = 0.1035 g I 1 of Na salt
Obt. = 0.1030
Diff. = 0.5% '
3Ojelund and Wadso reported that the glyoxylic acid could be 
purified by recrystallisation from water at room temperature. This 
method was found quite impractical due to the high solubility of the 
compound in water. No other method was found in the literature, so 
the commercial material was used in the kinetic study. It was found 
that the material was not pure enough for this purpose and the kinetics 
results are rather approximate. For that reason the study was limited 
to a few kinetic runs at one temperature only.
(II) Solutions Employed in the Kinetic Work
For unbuffered solutions, the concentrated stock solutions of 
sodium hydroxide, perchloric acid and substrates were prepared. 
Solutions for kinetic runs were made up by mixing appropriate 
proportions of the stock solutions, and diluting to give the required 
substrate concentrations and ionic strength.
For buffered solutions, the concentrated stock solutions of the 
buffer and substrates were prepared. Solutions for kinetic runs were 
prepared by mixing appropriate proportions of the stock solutions and 
substrate solution, and diluting to give the required buffer and 
substrate concentrations and ionic strength. And potassium chloride 
was used as an inert salt for the further adjustment of ionic strength 
whenever it was necessary.
The reactant solution thus prepared was transferred to the pH 
cell, where find adjustment of the pH was carried out at the required 
temperature by addition of small quantities of perchloric acid or 
sodium hydroxide from concentrated stock solutions.
The following buffer solutions were employed in this work 
pH 8.57 - Ammonia/Ammonium Chloride
The ammonia concentration was 0.10 M in stock solution, and the 
ammonium chloride was varied from 0.50 to 0.125 M for every stock 
solution. The dilution of mixture of the stock solution due to 
decreasing the ammonium chloride concentration was compensated by 
the addition of the appropriate proportions of concentrated stock 
solution of potassium chloride. Adjustment of pH was carried out by 
addition of sodium hydroxide. In the reactant solution, the above 
mixtures were diluted ten times.
pH 9.46 - Ammonia/Ammonium Chloride
The ammonia concentration was about 0.50 M in the stock solution 
and the ammonium chloride concentration was varied from 0.50 to 0.10 M. 
In fact, according to the different concentrations of ammonium chloride, 
different stock solutions were made up with constant concentration of 
ammonium. Dilution was compensated by the addition of potassium 
chloride to maintain anionic strength of 0.650 M in all stock solutions. 
The pH adjustment was effected by addition of sodium hydroxide.
pH 10.05 - Ammonia/Ammonium Chloride
The ammonia concentration was 0.20 M in the stock solution and the 
ammonium chloride concentration was varied in the same manner as the 
previous buffer. Here again, for all stock solutions the concentration 
of ammonia was kept constant. As described in the previous buffer, 
potassium chloride was used to maintain an ionic strength of 0.650 for 
all stock solutions, and necessary pH adjustments were carried out using 
a stock solution of sodium hydroxide.
4.1.3 Apparatus and Instrumentation
A spectrophotometrical technique was employed in all the kinetic 
studies covered in this thesis. The details of apparatus and 
instrumentation and related procedures have been presented in the PhD 
thesis by C-J-Holloway.5
4.1.4 The Selection of a Suitable Analytical Wavelength 
for Kinetic Work
The spectra of the periodates in aqueous solutions has been 
discussed in the first section of this thesis. The change in
absorbance of periodate is directly proportional to the concentration 
of periodate. This means that periodate oxidation can be followed 
spectrophotometrically within certain concentration limits. Sodium 
periodate has an absorption maximum at 222 nm (see Section I). As the 
glycerol-l-monoacetate and the carboxylic acids being studied also 
absorb at 2 22 nm (see Fig. 4(a)), it was necessary to follow the 
reactions at a fixed wavelength varying between 220-260 nm depending 
on the acid concentration. The reactions were followed using a Unicam 
SP1800 spectrophotometer.
4.1.5 The Evaluation of Kinetic Runs
For the evaluation of first-order rate constants for all kinetic 
runs, the standard infinity method of evaluation was employed. Values 
of the absorbance at regular time intervals A^ and the absorbance at 
infinite reaction A^ were measured, and a plot of log (A^-A^) against 
time was drawn, the modulus of the slope of the plot giving the rate 
constant of reaction/2.303. In the cases of slow reactions,
Guggenheim's method^ was used. All the plots were completely linear. 
The carboxylic acid (or the glycerol-l-monoacetate) was in excess in 
all the runs. For the carboxylic acids, the second-order rate constant 
could therefore be obtained by either dividing the first-order rate 
constant kj by the concentration of substrate or by plotting values of 
kl against different concentration values of substrates and finding 
the gradient of a straight line passing through the origin.
For the approximate evaluation of the rate of formation of 
intermediate in the periodate oxidation of glycerol-l-monoacetate, 
the time scale on the first-order plot for the beginning of the reaction 
was expanded, where initial curvature of the plot was observed. The
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half-life belonging to this part of the plot is considered the half-life 
of the rate of formation of complex intermediate. Therefore, the rate 
of formation of intermediate could be estimated. The plot is shorn in 
Fig. 4(b) at pH 5.55.
4.1.5 Examples of Kinetic Runs
Figs. 4(c) to 4(g) show typical examples of first-order and 
second-order plots obtained in the present work. These are followed by 
tables of data from which the graphs were obtained (Tables 4 (I) to 
4 (V)). In Tables 4 (VI) to 4 (IX) all the first-order rate constants 
for the four carboxylic acids are listed.
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TABLE 4 (I)
Experimental Data for Determination of First-Order
Rate for Kinetic Run No.266
A = 0.35400
Time
s At
A -At 00 log(At-AJ
10 0.488 0.134 0.873
20 0.482 0.128 0.892
30 0.473 0.119 0.924
40 0.466 0.112 0.950
50 0.460 0.106 0.975
60 0.455 0.101 0.995
70 0.448 0.094 1.026
80 0.443 0.089 1.050
90 0.438 0.084 1.075
100 0.434 0.080 1.096
110 0.428 0.074 1.130
120 0.425 0.071 1.148
130 0.420 0.060 1.180
140 0.415 0.061 1.215
150 0.411 0.057 1.244
160 0.407 0.053 1.275
170 0.405 0.051 1.292
180 0.402 0.048 1.318
TABLE 4 (II)
Experimental Data for Determination of First-Order
Rate for Kinetic Run No.38
A = 0.053
00  _
T
s At
A -At 00 log(At-AJ
5 0.176 0.123 0.910
10 0.163 0.110 0.958
15 0.151 0.098 1.010
20 0.141 0.088 1.055
25 0.131 0.078 1.108
30 0.123 0.070 1.155
35 0.115 0.062 1.207
40 0.108 0.055 1.260
45 0.102 0.049 1.310
50 0.097 0.044 1.356
55 0.092 0.039 1.408
60 0.088 0.035 1.455
65 0.084 0.031 1.508
70 0.081 0.028 1.552
75 0.078 0.025 1.602
80 0.075 0.022 1.657
85 0.073 0.020 1.698
90 0.071 0.018 1.744
TABLE 4 (III)
Experimental Data for Determination of First-Order Rate
for the Periodate Oxidation of Tartronic Acid in
Ammonia /Ammonium Chloride Buffer at pH 9.47 and 25°C
[Substrate] = 0.0020 mol dm 3
[Periodate] = 0.000050 mol dm 3
[NH„C£] = 0.050 mol dm"3
[NH3] = 0.050 mol dm'- 3
_ 3
I (Ionic strength) = 0.065 mol dm 
A = 0.038
Time
s At
A -At 00 log(At-AJ
20 0.177 0.139 0.857
40 0.161 0.123 0.910
60 0.147 0.109 0.962
80 0.134 0.096 1.017
100 0.123 0.085 1.119
120 0.123 0.076 1.174
140 0.114 0.067 1.214
160 0.105 0.061 1.268
180 0.099 0.054 1.310
200 0.092 0.049 1.360
220 0.087 0.044 1.410
240 0.082 0.039 1.443
260 0.077 0.036 1.481
280 0.074 0.033 1.523
300 0.071 0.030 1.541
320 0.068 0.028 1.568
340 0.065 0.025 1.602
TABLE 4 (IV)
Experimental Data for Determination of Second-Order Rate
for Periodate Oxidation of Ketomalonic Acid
at pH 1.37 and 25°C
X = Concn.of substrate at half-life of the reaction 
I = Total ionic strength
Run No
I
10 3 x [Substrate]
103 x X 1 0 %
mol dm mol dm 3 -ls
mol dm 3
178 0.110 0.50 0.49 35.9
179 0.109 0.40 0.39 27.9
180 0.108 0.30 0.29 19.8
181 0.105 0.20 0.19 13.3
182 0.103 0.10 0.09 6.43
TABLE 4 (V)
Experimental Data for Determination of Second-Order Rate 
for Periodate Oxidation of Malonic Acid at pH 4.49 and 25°C
Run No I 10 x [Substrate)
_3 "
mol dm
103 x X 10*%
mol dm 3 mol dm
s*"1
296 0.150 100 99.9 17.0
297 0.138 80 79.9 13.2
298 0.125 50 49.9 8.09
TABLE 4 (VI)
Experimental Data for the First-Order Rate Constants
in the Periodate Oxidation of Tartronic Acid at
Different Temperatures
Run
JNo PH
10“ [Perj| 
mol dm 3
102 [Substr.] 
mol dm 3
I (Ionic Str.) 
mol dm 3
-l
s
Temp.
°C
1 2.05 0.50 2.0 0.116 0.0083 1.0
2 tt it 1.0 it 0.0042 ii
3 t! it 0.50 it 0.0016 it
4 2.55 0.50 0.50 0.100 0.0190
5 n it 0.20 II 0.0082 it
6 n 0.10 II 0.0039 it
7 3.78 ii 0.40 0.106 0.0285 it
8 it it 0.20 ti 0.0141
9 it it 0.10 it 0.0072 it
. 10 4.74 ti 0.40 0.111 0.0183
11 it it 0.20 0.103 0.0096 it
12 it it 0.10 0.111 0.0047 n
13 5.39 it 0.40 0.100 0.0095 it
14 it 0.20 0.111 0.0044 it
15 it ii 0.10 ii 0.0023 ti
16 6.20 it 0.50 ti 0.0072 ti
17 it it 0.20 ti 0.0037 ti
18 it ii 0.10 ti 0.0014
19 6.76 ii 0.50 ii 0.0126 n
20 II ii 0.20 it 0.0046 it
21 II ti 0.10 it 0.0026 ii
22 7.39 ti 0.50 ii 0.0136 it
23 it it 0.20 ti 0.0058 it
24 it it 0.10 it 0.0027 it
25 8.86 it 0.50 it 0.0073 it
26 II ti 0.20 m 0.0033 it
27 II ii 0.10 11 0.0018 ii
28 9.86 ii 0.50 ii 0.0007 it
29 II ii 0.20 it 0.00026 it
30 II 0.10 ti 0.00014 it
TABLE 4 (VI) (Cont)
31 2.25 0 .50 0 .50 0.116 0.0075 25
32 it ii 0 .20 ii 0.0040 it
33 it ii 0 .10 ti 0.0016 it
34 3.13 0 .50 0 .40 0.100 0.0388 ti
35 ti ti 0 .20 It 0.0175 it
36 ii ii 0 .10 II 0.0082 ti
37 4.00 ii 0 .40 0.106 0.0460 ti
38 ii it 0 .2 0 n 0.0226 ii
39 ti tt 0 .1 0 it 0 .0120
40 5.03 it 0 .40 0.111 0.0403 it
41 it ii 0 .20 II 0.0213 it
42 ii ii 0 .10 II 0.1020
43 5.62 0 .50 0 .40 0.103 0.0230 ti
44 it n 0 .20 0.111 0.0111 it
45 it ti 0 .10 0.0056 it
46 6 .70 it 0 .50 it 0.0136 it
47 it it 0 .20 ii 0.0058
48 ti ii 0 .10 ii 0.0027 it
49 7.05 n 0 .50 ti 0.0147 it
50 it ti 0 .20 ii 0.0055
51 it ti 0 .10 it 0.0026
52 8.10 it 0 .50 ii 0.0191 it
53 it it 0 .20 it 0.0085 it
54 it it 0 .10 it 0.0055 it
55 9.45 it 0 .50 it 0.0055 it
56 it ii 0.20 n 0.0018 ii
57 it it 0 .10 ii 0.0010 ii
58 10.10 0 .50 0 .50 ti 0.0023 it
59 it ii 0 .20 ii 0.0008 it
60 it 0 .10 ti 0.00054 ii
61 2.30 4 .0 1 .0 ii 0.0174 ti
62 ii ii 2 .0 ti 0.0346 it
63 ti it 0 .50 ii 0.0080 ii
64 2.02 1 .0 1 .0 0.116 0.0183 40
65 ti 1 .0 2 .0 ii 0.0039 it
66 it II 0 .50 ii 0.0103 it
67 it 2 .0 1 .0 ii 0.0008 it
TABLE 4 (VI) (Cont)
68 2.02 2 .0 3 .0 0.116 0.0032 40
69 it it 4 .0 ti . 0.0039 it
70 it 3 .0 1 .0 ii 0.00062 ii
71 ii it 3 .0 it 0.0029 it
72 ii ti 4 .0 it 0.0031 it
73 ii 4 .0 1 .0 it 0.0177 ii
74 i it 2 .0 ii 0.0382 ti
75 it ii 0 .50 it 0.0090 ti
76 3.07 1 .0 1 .0 0.100 0.0024 ii
77 ii ii 2.50 II 0.0059 ti
78 ii 4 .0 0.0140 it
79 it 2 .0 1 .0 II 0.0012 it
80 ii it 2.5 II 0.0051 it
81 ti it 4 .0 II 0.0110 it
82 it 3 .0 loO II 0.00065 it
83 it ti 2 .5 II 0.0038 it
84 ti ii 4 .0 II 0.0116 it
85 ti 4 .0 1 .0 II 0.0012 ii
86 it ii 2.50 , II 0.0026 ii
87 it ii 4 .0 II 0.0078 ti
88 3.03 0 .50 0 .10 II 0.0102 ti
89 ti it 0.20 II 0.0208 ii
90 it 0.40 II 0.0368 it
91 it 1 .0 II 0.0934 ii
92 ii 2 .0 0 .10 II 0o0077 ii
93 it it 0 .20 It 0.0224 it
94 it 0 .40 II 0.0380 ii
95 n ti 1 .0 II 0.0853 ti
96 4.03 2 .0 0 .10 0.106 0.0094 ii
97 ii it 0.20 ii 0.0220 ti
98 ti ii 0 .40 it 0.0475 it
99 ti 0 .50 0 .10 0o0125 it
100 it it 0 .20 it 0.0265 ii
101 it ti 0 .40 it 0.0492 it
102 5.222 0 .50 0 .50 0.111 0.0518 it
103 ti 0 .50 0 .20 II 0.0207 it
104 ti ti 0 .10 II 0.0103 it
TABLE 4 (VI) (Cont)
105 5.222 2 .0 0 .50 0.111 0.0513 40
106 ii it 0 .20 it 0.0195 ii
107 ii ii 0 .10 it 0.0082 it
108 5.93 0 .50 0 .40 it 0.0235 it
109 ii it 0 .20 it 0.0115 ii
110 it ti 0 .10 it 0.0058 it
111 ii 2 .0 0 .40 ii 0.0204 it
112 ti ti 0 .20 ii 0.0089 it
113 it it 0 .10 it 0.0045 it
114 7.28 0 .5  0 0 .5 0 ii 0.0176 ii
115 ti it 0 .20 ii 0.0064 ii
116 ii ii 0 .10 0.0032 tt
117 7.67 0.50 0 .50 it 0.0204 it
118 II ti 0 .20 ii 0.0086 it
119 II it 0 .10 0.0040 it
120 8.41 0 .50 0 .50 ti 0.0199 it
121 it it 0 .20 it 0o0090 ti
122 ii ii 0.10 it 0.0042 ti
123 8.88 0 .50 0 .50 it 0.0145 it
124 ii ii 0 .20 ii 0.0059 ii
125 it it 0 .10 ii 0o0026 it
126 9.61 0 .50 0 .50 it 0.0061 ti
127 it ii 0.20 ii 0.0021 ii
128 it it 0 .10 ii 0.0015 it
TABLE .4 (VII)
Experimental Data for the First-Order Rate Constants
in the Periodate Oxidation of Ketomalonic Acid at
Different Temperatures
Run
No PH
lO* [Per] 
mol dm 3
102 [SubstrJ 
mol dm
I 103 Jcj Temp.
mol dm 3 -ls °G
129 1.10 2.0 1.0 0.130 0.373 1
130 It ii 0.50 0.110 0.191 it
131 II ii 0.30 0.103 0.100 it
132 1.38 2.0 0.50 0.110 0.250 it
133 ii ii 0.30 0.103 0.144 it
134 ii ii 0.10 0.130 0.92 ti
135 1.75 ii 0.50 0.110 0.801 M
136 ii it 0.30 0.120 0.462 ii
137 ii it 0.10 0.103 0.172 it
138 ti it 1.0 0.130 1.40 ti
139 2.00 2.0 0.50 0.11 1.51 ii
140 it ii 0.30 0.108 0.943 it
141 ii ii 0.10 0.103 0.315 it
142 it it 1.0 0.130 3.50 it
143 2.26 it 0.50 0.110 2.21 ii
144 II it 0.30 0.108 1.01 ti
145 II ii 0.10 0.103 0.523 it
146 II ii 1.0 0.130 4.01 ti
147 2.55 ii 0.50 0.110 3.83 n
148 it it 0.30 0.108 2.24 ti
149 ii ii 1.0 0.130 7.38 it
150 3.00 it 1.0 0.130 16.1 it
151 It it 0.50 0.110 7.23 ii
152 II ti 0.30 0.108 4.27 it
153 II ti 0.10 0.103 1.40 it
154 3.50 it 1.0 0.130 19.1 ii
155 it ii 0.50 0.110 8.86 ii
156 it ti 0.30 0.108 4.52 it
TABLE 4 (VII) (Cont)
157 4.00 2 .0 0 .50 0.110 2.93 ti
158 ii ii 0 .30 0.108 1.41 it
159 it ti 1 .0 0.130 5.27 it
160 4.50 it 0 .50 0.110 1.10 it
161 it ti 0 .30 0.108 0.601 it
162 ii it 0 .10 0.103 0.201 ti
163 ti 1 .0 0 .130 2.36 it
164 S .60 ii 0 .50 0.110 0.291 it
165 It it 0 .30 0.108 0.164
166 II it 0 .10 0.103 0.021 it
167 II it 1 .0 0 .130 1.47 ti
168 6.10 0 .50 0.110 0.173 ti
169 it 0 .30 0.108 0 .080
170 it it 1 .0 0.103 0.351
171 6.405 it 0 .50 0.110 0.121
172 it it 0 .30 0.108 0 .070 it
173 ti it 0 .10 0.103 0.011 ii
174 1.08 it 1 .0 0.130 3.51 it
175 ti it 0 .50 0.110 1.63 it
176 it ti 0 .20 0.105 0.731 it
177 it ti 0 .10 0.103 0.451 it
178 1.37 ti 0 .50 0.110 3.51 it
179 ti it 0 .40 0.109 2.78 it
180 ii ii 0 .30 0.108 1.98 ii
181 ii ii 0 .20 0.105 1.33
182 it ti 0 .10 0.103 0.642 it
183 1.82 it 0 .50 0 .110 7.61 it
184 it it 0 .40 0.109 6.43 it
185 n ii 0 .30 0.108 5.01 ii
186 it it 0 .20 0.105 3.21 ti
187 it ' it 0 .10 0.103 1.54 it
188 2.05 it 0 .50 0 .110 11.0 ti
189 it 0 .40 0.109 9 .50 it
190 it it 0 .30 0.108 7.31 it
191 it 2 .0 0 .20 4.70 it
192 ii ti 0 .10 2.31 it
TABLE 4 (VII) (Cont)
193 2.20 2.0 0 .50 0.065 15.1 1
194 it ii 0 .40 0.060 11.2 ii
195 ii it 0 .30 0.058 8.61 it
196 ii it 0 .20 0.055 6.01 it
197 ii ti 0 .10 0.053 3.12 it
198 2.55 ti 0 .50 0.065 16.1 ii
199 ii it 0 .40 0.060 1.42 it
200 ii ti 0 .30 0.058 11.0 it
201 ii ti 0 .20 0.055 7.61 ii
202 ii it 0 .10 0.053 4.12 it
203 3.78 1 .0 0 .50 0.065 23.0 it
204 it ii 0 .40 0.060 19.1 ii
205 ii it 0 .30 0.058 13.3 ti
206 ii it 0 .20 0.055 8.00 it
207 ii it 0 .10 0.053 4.31 it
208 4.00 1 .0 0 .50 0.065 3 .0 ti
209 it 11 0 .40 0.060 16.1 ii
210 it II 0 .30 0.058 13.3 it
211 it II 0 .20 0.055 6 .00 it
212 it It 0 .10 0.053 2.71 in i
213 4.66 II 0 .50 0.065 6 .23 it
214 ii II 0 .40 0.060 3.41 ii
215 it It 0 .30 0.058 2.27 ti
216 it II 0 .20 0.055 1.70 it
217 it 11 0 .10 0.053 1.00 ii
218 5.05 II 0 .50 0.065 2.41 it
219 ii 11 0 .40 0.060 1.91 it
220 it II 0 .30 0.058 2.23 ii
221 it II 0 .20 0.055 1.50 it
222 ii 11 0 .10 0.053 1.01 ii
223 6.06 1 .0 0 .40 0.065 0 .880 it
224 ti II 0 .30 0*058 0.320 ii
225 n It 0 .20 0.055 0.251 it
226 ii It 0 .10 0.053 0.101 it
227 1.22 2 .0 0 .50 0.130 3.12 40
228 it M 0 .30 0.115 1.80 n
229 ii ti 0 .10 0.103 0.612 it
TABLE 4 (VII) (Cont)
230 1.39 2 .0 0 .50 0.065 • 5.01 40
231 ti ii 0.30 0.057 2.83 it
232 M ii 0 .10 0.053 0.981 it
233 1.64 it 0 .50 0.065 8.30 it
234 II it 0 .30 0.057 0.51 it
235 It ii 0 .10 0.053 1.67 ii
236 1.83 it 0 .50 0.065 1.61 it
237 ti ii 0 .30 0.057 12.0 it
238 it it 0.10 0.053 3.61 it
239 2.55 ii 0 .50 0.065 14.2 ti
240 it ti 0 .30 0.057 8.01 ii
241 ti it 0 .10 0.053 2.80 it
242 3.22 1 .0 0 .50 0.130 43.0 ti
243 ii ii 0 .30 0.115 24.1 it
244 it it 0 .10 0.103 7.87 ti
245 4.09 1 .0 0 .50 0.130 26.1
246 it II 0 .30 0.115 12.0 ti
247 it II 0 .10 0.103 5.01 ii
248 4.72 11 0 .50 0.065 12.0 ii
249 it 11 0 .40 0.065 8.41 ti
250 ii II 0 .30 0.057 5.31 ti
251 ii II 0 .20 0.055 3.00 it
252 ti It 0 .10 0.053 1.71
253 4.99 1 .0 0 .50 0.065 3.87 it
254 ti II 0.40 0.065 3.01 it
255 ii II 0 .30 0.057 2.77
256 it II 0.20 0.055 2.52 it
257 it II 0 .10 0.053 1.02 ti
258 6.61 II 0.50 0.065 0.941 ti
259 it It 0.40 0.065 0.511 it
260 it It 0 .30 0.057 0.237 it
261 it It 0 .20 0.055 0 .200 it
262 ti II 0 .10 0.053 0.186 ti
TABLE 4 (VIII)
Experimental Data for the First-Order Rate Constants in
Periodate Oxidation of Glyoxylic Acid at 25°C
Run
No PH
10" [Per.] 102 [Substr.] I ki
mol dm 3 mol dm mol dm 3 s”1
263 2.29 2.0 0.099 0.100 0.0018
264 n it 0.079 0.100 0.0014
265 it ti 0.049 it 0.0008
266 4.14 0.50 0.049 0.110 0.0062
267 ii ii 0.029 II 0.0047
268 ti it 0.0095 II 0.0015
269 ti 2.0 0.049 0.100 0.0066
270 it ti 0.029 II 0.0035
271 it it 0.0098 II 0.0013
272 5.91 2.0 0.099 II 0.0014
273 ti it 0.049 II 0.0057
274 ti it 0.039 It 0.0042
275 6.84 2.0 0.049 II 0.0060
276 II it 0.099 II 0.013
277 ft ii 0.029 II 0.0018
278 7.75 2.0 0.099 II 0.0012
279 n it 0.049 It 0.0054
280 ii ii 0.039 II 0.0044
281 9.28 it 0.099 II 0.012
282 ii ii 0.049 II 0.0060
283 ii it 0.039 II 0.0044
TABLE 4 (IX)
Experimental Data for the First-Order Rate Constants in
Periodate Oxidation of Malonic Acid at Different Temperatures
Run
No pH
104 [Per] 102 [Substr.] I 10“ kj Temp.
°cmol dm mol dm 3 mol dm 3 -ls
284 1.92 2.0 10.0 0.150 2.15 25
285 It ii 8.0 0.138 1.84 II
286 It it 5.0 0.125 1.05 It
287 2.72 ii 10.0 0.150 9.34 II
288 it it 8.0 0.138 7.63
289 ii ii 5.0 0.125 4.98 II
290 3.59 ti 10.0 0.150 18.6 II
291 ii ii 8.0 0.138 14.3 II
292 it ti 5.0 0.125 9.44 II
293 4.12 ii 5.0 0.130 11.0 II
294 ii it 4.0 0.125 7.81 It
295 ii ii 2.0 0.125 4.21 II
296 4.49 ii 10.0 0.150 17.0 II
297 ii n 8.0 0.138 13.2 II
298 ii ii 5.0 0.125 8.08 II
299 5.30 ti 10.0 0.200 11.3 II
300 ii it 8.0 0.180 8.74 II
301 it ii 5.0 0.140 5.20 II
302 5.87 it 5.0 0.20 1.90 II
303 ii ti 4.0 0.180 1.48 II
304 ii it 2.0 0.140 0.723 II
305 6.58 it 5.0 0.20 0.861 II
306 it ii 4.0 0.180 0.680 II
307 ii ii 2.0 0.140 0.370 II
308 7.03 ii 5.0 0.200 0.952 II
309 ti ii 4.0 0.180 0.552 It
310 ii ii 2.0 0.140 0.277 It
311 8.70 it 5.0 0.200 0.396 II
312 it ti 4.0 0.180 0.305 II
313 1.94 ii 10.0 0.150 3.98 II
314 it ii 8.0 0.138 4.12 It
315 ii ti 5.0 0.125 2.30 It
TABLE 4 (IX) (Cont)
316 1.94 2 .0 10.0 0.150 17.6 25
317 tt tt 8 .0 0.138 14.2 tt
318 ti tt 5 .0 0.125 9.43 it
319 3.69 tt 10.0 0 .150 31.6 tt
320 ft tt 8 .0 0.138 26.7 it
321 It tt 5 .0 0.125 17.6 it
322 4.05 tt 5 .0 0.125 1.75 tt
323 tt tt 4 .0 tt 1 .40 tt
324 tt tt 2 .0 tt 0 .700 tt
325 4.56 tt 10.0 0.150 32.9 n
326 it 8 .0 0.138 27.3
327 tt tt 5 .0 0.125 16.3
328 5.37 it 10.0 0.200 25.0
329 it 8 .0 0 .180 20.6
330 tt it 5 .0 0.140 10.0 tt
331 5.99 tt 5 .0 0.200 4.84 it
332 tt tt 4 .0 0.180 3.62 tt
333 tt it 2 .0 0.140 1.80 it
334 6.74 tt 5 .0  ' 0 .200 2.76
335 tt tt 4 .0 0.180 1.94 tt
336 ft tt 2 .0 0.140 0.860 it
337 7.18 it 5 .0 0.200 1.65 tt
338 4 4 .0 0.180 1.42
339 tt it 2 .0 0.140 0.700 tt
340 8.08 2 .0 5 .0 0.200 1.20 tt
341 tt it 4 .0 0.180 0.950
342 8.36 tt 5 .0 0.200 1.14 tt
343 tt it 4 .0 0.180 0.900 tt
344 1.93 2 .0 10.0 0.150 9.63 50
345 it tt 8 .0 0.138 7.80 tt
346 tt tt 5 .0 0.125 5.11
347 2.72 tt 10.0 0.150 30.7 it
348 tt tt 8 .0 0.138 23.4 tt
349 it tt 5 .0 0.125 13.4 tt
350 3.68 tt 10.0 0.150 57.6 tt
351 tt tt 8 .0 0.138 45.1 tt
352 tt tt 5 .0 0.125 28.9 tt
353 4.59 it 10.0 0 .150 55.3 tt
TABLE 4 (IX) (Cont)
354 4.59 2 .0 8 .0 0.138 43.4 50
355 it ii 5 .0 0.125 26.4 ti
356 M ii 10.0 0.256 61.0 it
357 5.42 ii 10.0 0.150 34.2 it
358 n it 8 .0 0.138 29.3 ii
359 ii 5 .0 0.125 16.8 it
360 6.01 ii 5 .0 0.150 10.3 ti
361 ii ti 4 .0 0.138 7.61 ii
362 ii ii 2 .0 0.125 4.15 n
363 6.70 it 5 .0 0.200 5.62 tt
364 ii H 4 .0 0.180 4.36 it
365 ii H 2 .0 0.140 2.08 n
366 7.09 tt 5 .0 0.200 4.22 ti
367 ii ti 4 .0 0.180 3.40
368 ii it 2 .0 0.140 1.50 ti
369 8.11 ti 5 .0 0.200 2.86
370 tt H 4 .0 0.180 2.14 it
371 it it 2 .0 0.140 1.11
372 8.70 5 .0 0.200 2.47 ii
373 ii tt 4 .0 0.180 1.67 ti
374 ii ii 2 .0 0.140 0.837 ti
375 9.77 5 .0 0.200 0.690 ii
4.2 EXPERIMENTAL FOR THE SPECTROPHOTOMETRIC 
STUDIES OF KETOMALONIC ACID AND DETERMINATION
OF ITS IONISATION CONSTANT
4.2.1 Ultraviolet Studies
(a) Solutions Employed in the Spectrophotometric Determination of 
Ionisation Constants. The concentrations were in the range
2.0-0.8 x 10 h M. The pH adjustments were carried out at the required 
temperature by addition of quantities of hydrochloric acid and sodium 
hydroxide for all the solutions studied. Above pH 6, some buffered 
solutions were investigated as well. As discussed in Section 2, the 
experimental results were identical with those of unbuffered solutions.
(b) Instrumentation. A Unicam SP 3000 automatic spectrophotometer 
was used in the determination of the ionisation constants of this acid. 
The cell compartment was maintained at the required temperature, and
1 cm and 0.5 cm cells were used. These cells were calibrated during 
each determination, with solvent in each. The pH measurements were 
carried out in a thermostated bath at required temperature.
The absorbance measurements were carried out over a wide range of 
wavelength, pH and temperatures. As a typical example, the experimental 
data obtained at 220 nm is given in Table 4 (X).
4.2.2 Potentiometry Studies
(a) Solutions Employed in the Titrometric Determination of Ionisation 
Constants. The solutions of different concentrations of 
ketomalonate disodium salt were prepared. The pH of the solutions 
were measured. The different concentrations of hydrochloric acid were
made up as the titrant. Then the solutions of ketomalonate were titrated 
against the hydrochloric acid and the variation of the pH of solutions 
during the neutralisation was recorded.
(b) Instrumentation. A radiometer PHMTYPE26 was used for the pH 
measurements of all solutions. A glass electrode type 6202 B was used 
in conjunction with a calomel electrode of type K 401 and the electrodes 
were maintained constantly at required experiment temperature to ensure 
stability.
The solutions to be titrated were transferred to a polypropylene 
bottle, which fitted snugly into the thermostated bath. The bottle was 
fitted with a screw cap, drilled to accommodate the pH electrodes, an 
inlet and outlet for nitrogen (to exclude carbon dioxide from the 
solutions). After each addition of titrant into solution, the solution 
was stirred by magnetic stirrer and then kept in the thermostated bath 
to attain the thermal equilibrium and to be ready for the pH 
measurement.
The titrations were carried out in a wide range of ketomalonate 
concentration, pH and temperature. A typical example of all the 
experimental data, the results have been obtained at 40°C, is given in 
Table 4 (XI).
4.2.3 Infra-red Studies
The all IR spectra of the compounds were taken on a Perkin-Elmer 
577 Grating Infrared spectrophotometer. For the spectrum of compound 
in solid state, potassium bromide discs were made and used. Solutions 
were examined as capillary films with different path lengths to fit 
the concentration of solutions • The idea of using very
narrow path lengths in the spectra of solutions was to minimise the 
absorption of the solvent in the region of interest. For the spectra 
of aqueous solutions, and also those containing deuterium oxide as the 
solvent, calcium fluoride and silver chloride windows were used 
respectively. A variable attenuator was placed in the reference beam.
TABLE 4 (X)
Experimental Data for the Variation of Extinction Coefficients of 
Ketomalonate with pH at A =220 nm and Different Temperatures
25°C 40°C 55°C 70°C
e x 10 2 e x 10 2 e x 10 2 e x 10 2
PH dm3 mol 1 pH dm3 mol 1 pH dm3 mol 1 PH dm3 mol 1
-i
cm
-lcm
-lcm
-l
cm
0.850 2.080 0.850 2.080 0.860 2.065 0.925 2.065
0.970 2.080 0.975 2.085 1.03 2.095 1.07 2.105
1.12 2.117 1.12 2.175 1.18 2.205 1.22 2.205
1.42 2.285 1.40 2.215 1.47 2.215 1.50 2.220
1.54 2.295 1.49 2.275 1.56 2.355 1.62 2.38
1.87 2.485 1.74 2.520 1.89 2.525 1.95 2.725
2.20 2.667 2.17 2.810 2.25 2.885 2.29 3.125
2.55 3.170 2.46 3.170 2.54 3.290 2.755 3.650
2.91 3.440 2.85 3.680 2.93 4.170 2.97 4.930
3.08 3.620 3.00 4.100 3.07 4.560 3.10 5.450
3.63 5.110 3.50 6.240 3.55 7ol95 3.58 8.41
4.00 7.168 4.01 8.850 4.03 11.16 4.06 12.82
4.31 8.256 4.13 9.737 4.15 12.11 4.18 13.68
4.61 9.200 4.33 11.00 4.35 12.88 4.38 15.67
4.84 9.837 4.58 11.95 4.59 14.32 4.63 17.06
5.95 10.74 4.97 12.41 4.98 15.92 5.06 17.50
6.88 10.46 6.35 13.46 6.42 16.80 6.77 19.55
7.85 10.20 6.85 12.85 6.88 15.80 6.90 18.77
9.16 10.12 6.89 13.40 6.88 16.80 7.10 18.80
9.85 10.41 7.85 13.10 7.88 15.67 7.91 18.90
- - 9 oil 11.98 9.09 15.30 9.01 18.60
TABLE 4 (XI)
Experimental Results for the Potentiometric Determination
of Ionisation Constants of Ketomalonic Acid at 40°C
[Titre]=0.0050mol dm 3 [Titre] =0.010 mol dm 3 [Titre] =0.020 mol dm”3
[Ha]=0.0236 mol dnf3 [HGt]=0.047 mol dm”3 [HGt]=0.0945 mol dm 3
Vol. = 20 ml Vol. = 20 ml Vol. = 20 ml
of Titre of Titre of Titre
H a  added pH pH pHml
0.00 6.78 6.68 7.23
0.50 4.85 4.77 4.72
1.00 4.46 4.37 4.30
1.50 4.18 4.11 4.04
2.0 3.98 3.91 3.84
2.5 3.80 3.73 3.65
3.0 3.65 3.57 3.48
3.5 3.51 3.40 3.30
4.0 3.38 3.25 3.07
4.5 3.26 3.11 2.98
5.0 3.16 2.99 2.84
5.5 3.06 2.87 2.715
6.0 2.98 2.79 2.62
6.5 2.91 2.71 2.53
7.0 2.85 2.64 2.45
7.5 2.80 2.57 2.38
8.0 2.75 2.515 2.32
8.5 2.70 2.48 2.27
9.0 2.67 2.43 2.22
9.5 2.64 2.40 2.18
4.3 PURIFICATION OF GLYCEROL-1-MONOACETATE
The gas-liquid chromatography of commercial material showed 
several peaks which were tentatively attributed to glycerol and all 
the possible glycerol acetates (including di-and tri-acetates). It 
was necessary to develop a method of separation which would produce 
a reasonable amount of pure glycerol-1-monoacetate. Gas chromato­
graphy was impractical due to the high column temperature that would 
have been necessary.
The possibility of separation on a silica-gel column was 
investigated. Preliminary experiments were carried out on thin-layer 
plates coated with silica. Three spots were observed on the plates 
when a suitable solvent system was used, showing that separation on 
a column should be feasible.
4.3.1 Identification of the Fractions
Considering the different possible ways of identification the 
following procedures were tried.
(i) The first possible way is to hydrolyse the fractions.
Titrimetric results give rise to the number of acetic acid 
molecules released after the hydrolysis is complete.
The procedure is to titrate the amount of excess sodium 
hydroxide left after the reaction is complete. The 
concentration of fractions were chosen regarding the molecular 
weight of the related compounds. This was done by assuming 
that the first, second and third fractions were tri-, di- 
and monoacetate derivatives of glycerol. The results are
listed in Table 4 (XIII), also with that of the time- 
dependence of the glycerol-1-monoacetate hydrolysis as an 
example in Table 4 (XIV). The calculation of the percentage 
of hydrolysis is described in the same tables.
(ii) From the results of the periodate reaction with the fractions
it is possible to identify glycerol-l-monoacetate.
A standard technique for the titration of iodine solutions 
was applied. Solutions of sodium arsenite were used as 
titrant. The results are listed in Table 4 (XII).
(iii) The fractions were collected from the silica-gel column,
a gas chromatography assay of them was carried out, giving 
the chromatogram peaks which have been shown in Figures 4(i) 
to 4(1). Details of the condition of the experiment in each 
case is shown. In a comparison of the commercial material in 
Figure 4(h) with fractions, it seems that a reasonably good 
separation has been obtained on the column except in the case 
of the second one which shows a mixture of two fractions. It 
should be noticed that the first peak due to glycerol is 
always present.
(iv) For further identification purposes an IR spectrum of each 
fraction was taken and compared with the standard spectra 
obtained already.^
In Figures 4(o) to 4(q) the spectra of the three fractions are 
shown as well as with that in Figure 4(n), belonging to the 
commercial material. Those spectra belonging to the last 
and second fractions resemble those which have been recorded 
in Sadtler.^ However, there are some minor discrepancies in
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Figure 4(o)
The IR Spectrum of First Fraction (Glycerol Triacetate)
Figure 4(p)
The IR Spectrum of Second Fraction (Glycerol Diacetate)
3 r-t-
Figure 4(q)
The IR Spectrum of Third Fraction (Glycerol”1-Monoacetate)
the spectrum of the first fraction which is due to the fact
that it is partly mixed up in the second fraction. The same
is true of the gas chromatograms. The IR spectra of the
first two fractions resemble one another closely and there is 
%
not any distinct difference between them. The spectrum of the 
commercial material is more or less identical with that of the 
third fraction which is considered to be glycerol-1-monoacetate. 
The spectrum of glycerol triacetate (first fraction) differs 
slightly from the spectrum in Sadtler. In Figure 4(o), the 
places where the differences occur are marked with asterisks.
4.3.2 Reagents and Materials for the Purification of Glycerol-1- 
Monoacetate
(a) As described in the previous experimental section for chromato­
graphy, sources of glycerol-l-monoacetate as the commercial material 
were laboratory reagent BDH and Koch-Light. They both gave similar 
gas-liquid chromatography results.
(b) Solvent Systems for Thin-layer Chromatography. The volume ratio 
of Ethanol : Ethylacetate : Benzene 5 : 20 : 75 was used. The same 
mixture was also applied in the column separation. The commercial 
glycerol-l-monoacetate was introduced into the column in the following 
solvent mixture:
Glycerol-l-monoacetate 2.0 grams 
Ethanol 20 ml
Ethylacetate 20 ml
Benzene 100 ml
(c) Spray Reagents. The following reagents were prepared for the 
detection of spots.
Spray I. 12.5 grams of hydroxylamine hydrochloride in 100 ml of 
ethanol.
12.5 grams of sodium hydroxide in 100 ml of 851 methanol. 
The above mixture was made up and filtered. A colourless solution 
was obtained.
Spray II. 10 grams of very finely powdered ferric chloride 
(FC£3, 6H20) is dissolved in 20 ml ION HC£ and the solution is 
agitated with 200 ml diethyl ether until a homogenous mixture is 
obtained. This solution, if tightly stoppered, keeps for some 
time
The application procedure is simply to spray with (I), dry shortly 
at room temperature and then spray with (II). An alternative reagent 
is benzidine + sodium metaperiodate.
(d) Preparation and use of Silica Column. The apparatus is shown in 
Figure 4(r). The absorbent used inside the column, as a stationary 
phase, was BDH porous silica gel. The column was packed by pouring a 
slurry of silica balls plus the solvent mixture into the column. This 
was done in small increments of slurry, followed by tapping of the 
column for maximum settling. The sample solution was poured on to the 
top of the column all at once. A column of 76 cm length and 2.5 cm 
diameter was used.
Small eluate fractions were collected and analyzed for sample 
bands by thin-layer chromatography. The spots belonging to individual 
fractions appeared in the same order as was observed for the commercial
Figure 4(r)
The Automatic Fraction Collector Employed in Chromatographic 
Separation of Glycerol-l-monoacetate from Commercial Material
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material. So it was tentatively assumed that they appeared according 
to their molecular weights, e.g. the first one was thought to belong 
to glycerol triacetate, the second to the dir, and the last one to 
glycerol-l-monoacetate.
(e) Purification of the Fractions. The fractions normally were 
obtained in big sample tubes, as shown in Figure 4(r). The solutions 
were distilled under reduced pressure and dried under the same 
condition as much as possible. The concentrated residues were freeze 
dried to get rid of traces of solvents as well as water present. For 
the rapid separation of insoluble impurities the fractions were 
centrifuged. The fractions prepared were pale-yellow viscous liquids 
(the last one was slightly paler than the other two). They were kept 
in a desiccator as soon as the purification process was complete.
(f) The Experimental Procedure for Testing the Fractions with 
Periodate.
(i) Sodium arsenite of 0.001 M was prepared according to the
7
standard procedure.
(ii) Titration of periodate solutions:
5 ml NalOij solution was added to 5 ml saturated NaHCOa 
solution. Then 1 ml of 2 M KI solution (freshly made) was 
added. Then the solution made was titrated against sodium 
arsenite solution of 0.001 M with freshly made starch solution,
(iii) Sufficient of each fraction was weighed out to react with
80-901 of 10 ml of 0.007 M NalO^ solution, i.e. 0.07 m moles,
(iv) Then NalOi* solutions were added to fractions, left overnight, 
and then titrated as mentioned above.
(g) Chromatographic Determination of Water Present in Glycerol-l- 
monoacetate. The particulars of gas-liquid chromatography for the
detection of water are given in Figure 4(m). The stationary phase in 
the column was a mixture of ethanol and the compound. The last peak 
which has been marked belongs to the water. Through some analogous 
tests it was proved that not more than one per cent was present.
(h) IR Studies. The details of IR instrumentation and apparatus are 
given in a separate part of this section. For the study of the fractions, 
the samples were placed between two sodium chloride discs, and the 
spectrum was taken at room temperature.
TABLE 4 (x n )
Titrimetric Results for the Reaction of 
Fractions with Periodate
No Diol
Tot.Concn. 
of Diol.
Tot.Concn- 
of Per.
Amt.of 
Per. React. 100 x c
Name a b c a
m mol m mol m mol
1 Propane -1, 
2-diol
0.060 0.070 0.0590 98 %
2 Glycerol-l-
monoacetate
0.060 ii 0.0430 73.1 %
3 Glycerol
diacetate
0.060 ii 0.0013 1.77%
4 Glycerol
triacetate
0.060 ii 0.0014 1.0 %
TABLE 4 (XIII)
■ ■■ ■— — .....  — —  i
Experimental Data for the Hydrolysis of Fractions
Titrant - 0.020 mol dm 3HC&
Titre = 0.050 mol dm 3NaOH
No Diol
Tot.Concn.
NaOH
Tot•Concn 
Diol
. Tot.Concn- 
Acetic 
Acid
Concn •
NaOH
used
d x 100 
c
Name a b c d
m mol m mol m mol m mol
1 Glycerol-1-
>monoacetate
0.50 0.150 0.150 0.126 84.5 %
2 Glycerol
diacetate
0.50 0.150 0.300 0.299 100 %
3 Glycerol
triacetate
0.50 0.150 0.450 0.414 92 %
d = Concentration of acetic acid produced from the hydrolysis of the 
the diols when the reaction is complete. Subsequently this acid 
is neutralised with the sodium hydroxide during the titration 
process.
TABLE 4 (XIV)
Experimental Results for the T ime - dependence of
Hydrolysis of Glycerol-l-monoacetate
Titrant - 0,020 mol dm 3 HC£
Titre = 0.050 mol dm"3 NaOH
No
Time
Hour
Amt-of 
NaOH 
used up
Percentage
of
Hydrolysis
m mol
1 10 0.113 75.81
2 18 0.114 76.1V
3 24 0.126 84.51
SECTION 5
COMPUTER PROGRAMS
constant or Ferioaic Acia
List of Program No 1 
’BEGIN”  INTEGER'N,T,W;
'REAL'S,L1,L2,L3,M1,M2,M3,S1,S2,S3,LF,MG,SG,E,A1,NM;
START :N: =READ; ’ IF !N=01 THEN1 'GOTO'DNE;
LI:=READ;M1:=READ;A1:=READ;E:=READ;
NM:=READ;
’BEGIN1
'ARRAY'KE,KC,DL,DV[l:N];
'PROCEDURE'CALC(L,M);'REAL'L,M; 'BEGIN'S:=0;
’ FOR'W: =1’STEP1'UNTIL'N'DO''BEGIN'
KC [W]: = (A1*L+M*DL [W]) / (L+DL [W]);
S:=S*(KC[W]-KE[W])f2;
'END';
S:=(S/N)f0.5;
'END';
'FOR'W: =1'STEP'1'UNTIL'N'DO''BEGIN’KE[W] :=READ;DL[W] :=READ;'END'; 
NEXT:T:=0;
L2:=(1+0.01*E)*L1;
L3:=(1+0.016*E)*L1;
M2:=(1+0.01*E)*M1;
M3:=(1-0.01*E)*ML;
CALC(L1,M1);S1:=S;CALC(L2,M2);S2:=S;CALC(L3,M3);S3:=S;
t e s t*
'IF'S2-S1>0'THEN' 'GOTO'TX;'IF'S3-S1>0'THEN''GOTO'SEC'ELSE' 'GOTO'SEA; 
TX:'IF'S3-S2>0'THEN''GOTO'SEC'ELSE''GOTO'SEB;
SEA: 'IF'T=1'THEN' 'GOTO'AA;
T: =1; LI: =L2+L3-L1 ;M1: =M2+M3-M1; CALC (LI ,M1) ;S1:=S;' GOTO' TEST'
AA:'IF' S3-S2>0' THEN ” GOTO' FB' ELSE ” GOTO' FC;
SEB:' IF' T=2' THEN ”  GOTO ’ BA;
T:=2;L2: =L1+L3-L2;M2: =M1+M3-M2;CALC(L2,M2);S2:=S;'GOTO’TEST;
BA:'IF'S3-S1>0'THEN''GOTO'FA'ELSE''GOTO'FC;
SEC:'IF'T=3'THEN''GOTO'CA;
T:=3;L3:=L1+L2-L3;M3:=M1+M2-M3;CALC(L3,M3);S3:=S;’GOTO'TEST;
CA:'IF'S2-S1>0'THEN''GOTO'FA'ELSE''GOTO'FB;
FA: LF; =L 1; MF: =M1; ’ GOTO' EMOD:
FB: LF: =L 2; MF: =M2;' GOTO' EMOD 
FC: LF: =L 3; MF: =M3;' GOTO' EMOD;
EM0D:E:=E/2;
'IF'E<0,1'THEN’ 'GOTO’EXIT;
LI: =LF ;M1: =MF;'GOTO' NEXT;
EXIT:CALC(LF ,MF);SF:=S;
WRITETEXT(' (”  ('P') 'WAVELENGTHS')'); PRINT (NM, 3,1);
NEWLINE (2) ;WRITETEXT(' (' STD%DEV=') '); PRINT (SF, 0,4) ;
WRITETEXT(’('IOmCONSTV')’);
PRINT(LF,0,4) ; WRITETEXT (' (' ABSiACIDS') ') ; PRINT (MF,0,4) ;
WRITETEXT(' (' AIMINUSS')') ;PRINT(A1,1,4);
NEWLINE (2);
WRITETEXT (' (' I IH%CONCN9o % % % %%%%%%%% lA^EXPI %%%%%%%%%%%% 1AICALC
u u u u u u p e r c e n t u )e v ')');
'FOR'W:=1'STEP'1'UNTIL'N'DO''BEGIN'
DV [W]:=100*(KC[W]-KE [w])/KE [w] ;
NEWLINE(2):
PRINT (DL[WJ ,0,6) ;SPACE(5) ;PRINT(KE[W] ,0,6) ;SPACE(5) ;PRINT(KC[W] ,0,6) 
SPACE (5);PRINT (DV [W], 2,1);
'END';'END';
'GOTO'START;
DNE:'END';
'END';
Order of data for Program No. 1
No. of points 0.04 Absorbance of undissociated periodic acid (A0) 
Absorbance of mono dissociated periodic acid (A) .
2.0 Wavelength (nm)
Concn. of hydrochloric acid in solution Absorbance of solution (A)
Examples of data for Program No. 1
5 0.04 0.168 0.969 2.0 222
0.0095
0.0239
0.0478
0.0950
0.1912
0.0
0.821
0.660
0.535
0.420
0.311
Computer print-out for the data of Program No. 1
Wavelength = 222.0
Std Dev = 7.1278& --3 Ion Const = 3.87818, -2 ABS Acid = 1.83628*
A Minus = 0.9690
H Concn A Exp A Calc Percent Dev
9.500000& -3 8.2100008, -1 8.1446378, -1 -0.8
2.3900008, -2 6.6000008, -1 6.6953598, -1 1.4
4.7800008, -2 5.3500008, -1 5.3540168, -1 0.1
9.5600008, -2 4.2000008, -1 4.1026998, -1 -2.3
1.9120008, -1 3.1100008, -1 3.1605348, -1 1.6
Electronic Transition Bands
List of Program No 2
’BEGIN11 INTEGER'PI, PM, PS, TT,
W,T,C,V,N,PL,PU,NI,TZ;
'REAL'S,E,Z,
A,Z1,Z2,Z3,
El E2 ET DV*
P1:=READ;' IF'PIO'THEN' 'GOTO'DNE;
START: PM: =READ; PS: =READ; A : =READ; Z: =READ;
NI:=READ;
TT:=2;E:=A;N:=PL:=1;PU:=PM;
TZ:=2 (NI*2);
'BEGIN "ARRAY'
WV,EE,ES[l:Pll,
X[l:4.1:4|, '
Y[l:6];
1PROCEDURE’CALC(N);1 INTEGER’N ;
•BEGIN'S:=0;
'FOR'W :=PL'STEP'1'UNTIL'PU'DO "  BEGIN'
S: =S+ ( (X [1 .N] *EXP (- ( (WV [Wl -X [3 ,N]) /X [2 ,N]) +2*0.69 3148) + 
ES[W]-EE[W])/EE[W])+2;
'END';
X[4,N]:=SQRT(S/(PU-PL));
'END';
'FOR'W:=1'STEP'1'UNTIL'6'DO " BEGIN'
Y[W]:=READ;
PRINT (Y[W] ,0,3) ;
'END';
'FOR'W:=1'STEP'1'UNTIL'PI'DO''BEGIN'
WV[W]:=READ;EE[W]:=READ;
'END':
X[l,l] :=Y[l];
X[2,l]:=Y[2];
X[3,1]:=Y[3];
Z1:=Y[4];
Z2:=Y[5];
Z3:=Y[6];
NOW:
'FOR'W:=PL'STEP'1'UNTIL'PU'DO " BEGIN'
ES[W] :»Z1*EXP(-((W[W]-Z3)/Z2)+2*0.693148);
'END';
'IF’TT>TZ'THEN " GOTO'FIN;
NEWLINE(1);'FOR'W:=1'STEP'1'UNTIL'3'DO " BEGIN'
PRINT(X[W,N],0,3)'END';
NEW:
X[l,l] :=X[1,N);
X[2,1]:=X[2.,NJ;
X[3,l]:=X[3,N];
X[l,2]:=X[l,l]*(1-0.028*E);
X[l,3]:=X[1,1]*(1+0.01*E);
X[l,4]:=X[1,1]*(1-0.006*E);
X[2,2] :=X[2,1]*(1+0.028*E);
X[2,3]:=X[2,1]*(1+0.038*E);
X[2,4]:=X[2,1]*(1+0.022*E);
X[3,2]:=X[3,3]:=X|3,1|;
X[3,4] :=X[3,lj*(l+0.01*E);
T:=0;N:=1;C:=0;
'FOR'V:=1'STEP'1'UNTIL'4'DO " BEGIN'
CALCCV);
'END1.;
'GOTO'MAX;
AM:N:=W; 'GOTO'BM;
MAX: 'IF'OIOO'THEN' 'GOTO'MIN;
C:=C+1;
BM:'FOR'W:=N+l'STEP'l'UNTIL'4'DO' 'BEGIN1 
’IF'X[4,W]>X[4,N] 'THEN' 'GOTO'AM'END';
'IF'T=N'THEN''BEGIN’N:=l;'GOTO'MIN'END';
'FOR'W: =l'STEP'l'UNTIL' 3'DO''BEGIN'
X[W,N]: = (X[W,l]+X[W,2]+X[W,3]+X[W,4]-X[W,N])*2/3-X[W,N] 
'END';
CALC(N);
T:=N;N:=1;'GOTO'MAX;
CM:N:=W;
MIN: 'FOR'W: =N+1'STEP'1'UNTIL'4'DO''BEGIN'
'IF'X [4,W]<X[4,N] 'THEN' 'GOTO'CM'END';
' IF' C > 100' THEN " GOTO' OUT;
E:=E/2*
'IF'E>Z'THEN''GOTO'NEW;
OUT:
E:=A’TT:=-2*TT*
'IF'TT O'THEN''G0T0'TT2;
1 ] := Z l:= X [l,N l;
2 ] :=Z2:=X[2,N];
3] :=Z3:=X[3,N] ; 
:=PS:PU:=P1; 
:i,N ]:=Y[4]
.2,N] :=Y[5]
X[3,N] :=Y[6] 
'GOTO’NOW;
TT2:Y[4] := Z l:= X [l,N ]; 
Y[5] :=Z2;=X[2,N];
' ’ :=Z3:=X[3,N];Y[6]
PL:=1;PU:=PM
:u 
,21 
ts]
X [1 ,n J:=Y 
XL2,Nj :=Y 
X[3,N]:=Y 
'GOTO’NOW;
FIN:
DV:=X[4,N];
CALC(N);
NEWLINE(4);
'FOR'W:=1'STEP'1'UNTIL'6'DO''BEGIN' .
PRINT(Y[Wj ,0,4) 'END';
SPACE(5);
PRINT(X[4,N] ,0,4);
PRINT(DV,0,4);
NEWLINE(2);PRINT(PI,2,0);PRINT(PM,2,0);PRINT(PS,2,0); 
PRINT(A,0,2) ;PRINT(Z,0,2) ;PRINT(NI,2,0);
NEWLINE(4);
'FOR'W:=1'STEP'1'UNTIL'PI'DO " BEGIN'
El: =Y [I ] *EXP (- ( (WV [W] -Y [3]) /Y [ 2]) + 2*0.69 3148) ; 
E2:=Y[4]*EXP(-((WV[W]-Y[6])/Y[5])+2*0.693148); 
ET:-E1+E2*
DV:=100*(ET-EE[W])/EE[w];
NEWLINE(1):
PRINT (WV[W] ,0,4); SPACE(4);
PRINT(EE[W],0,4);SPACE(4);
PRINT(ET,0,4);SPACE(4);
PRINT (DV, 2,1) ; SPACE (4) ;
PRINT(El,0,4);SPACE(4);
PRINT(E2,0,4);
'END';
'END';
DNE;'END';
'END';
Order of data for Program No. 2
Total no. of wavelengths The no. of the last wavelength chosen for Band I 
The first no, of wavelength chosen for Band II
1.0 0.001 4.0
Estimated values of e, b a e b 6imax i unax 2 max 2 2max
Wavenumber Molar extinction coefficient
Example of data for Program No. 2 
16 9 8 1.0 0.001 4.0
109.60 3.218 45.04 2.442 2.613 35.420
48.780 40.100
45.871 105.110
45.045 113.40
43.478 97.100
41.841 37.100
40.160 22.510
38.759 8.710
38.022 5.303
36.900 3.099
36.496 2.832
36.101 2.587
35.087 2.222
33.898 1.672
33.557 1.494
33.112 1.218
32.894 1.089
Computer print-out for the data
e b a e b 6imax 1 imax 2 max 2 2 max
1.11438, 2 3.1223& 0 4.49308, 1 2.19338, 0 2.94728, 0 3.58678, 1
Std Dev Std Dev
Band I Band II
1.54548, -2 2.98728, -2
v £exp £calc £^cal £exp^0 e(Band I) e(Band II)
4.87808, 1 4.01008, 1 3.88438, 1 -3.1 3.88438, 1 3.64998, -6
4.58718, 1 1.05118, 2 1.04638, 2 -0.5 1.04638, 2 7.45968, -4
4.50458, 1 1.13408, 2 1.11328, 2 -1.8 1.11328, 2 2.64148, -3
4.34788, 1 9.71008, 1 9.59358, 1 -1.2 9.59138, 1 2.15578, -2
4.18418, 1 5.71008, 1 5.66648, 1 “0.8 5.65378, 1 1.27158, -1
4.01608, 1 2.25108, 1 2.26048, 1 0.4 2.21008, 1 5.04018, -1
3.87598, 1 8.71008, 0 8.55658, 0 -1.8 7.43128, 0 1.12538, 0
3.80228, 1 5.30308, 0 5.25888, 0 -0.8 3.74468, 0 1.51428, 0
3.69008, 1 3.09908, 0 3.15168, 0 1.7 1.13738, 0 2.01448, 0
3.64968, 1 2.83208, 0 2.83398, 0 0.1 7.08728, -1 2.12528, 0
3.61018, 1 2.58708, 0 2.62028, 0 1.3 4.36438, -1 2.18388, 0
3.50878, 1 2.22208, 0 2.20298, 0 -0.9 1.13578, -1 2.08938, 0
3.38988, 1 1.67208, 0 1.62908, 0 -2.6 1.94478, -2 1.60968, 0
3.35578, 1 1.49408, 0 1.44398, 0 -3.4 1.12968, -2 1.43268, 0
3.31128, 1 1.21808, 0 1.20228, 0 -1.3 5.42328, -3 1.19688, 0
3.28948, - 1.08908, 0 1.08701 0 -0.2 3.74708, -3 1.08328, 0
Constants of Ketomalonic Acid ~ "
List of Program No 3
'BEGIN' SELECTINPUT(3); SELECTOUTPUT(O);
'COMMENT' **** INPUT FROM DOC SOURCE **** ;
'BEGIN' 'INTEGER'P,W,V,N,T,C;
'REAL'S,E,Z,AI,HI,VI,
F2
HA*A2,DV;
P:=READ;’IF'P=0'THEN " GOTO'DNE;
GO: AI:=READ;VI:=READ;HI:=READ;E:=READ;Z:=READ;
'BEGIN "ARRAY'
PH,F[l:P,l:5],Xfl:3,l:3];
' PROCEDURE' PTT (N) ;' INTEGER' N ;
'BEGINS'S:=0;
'F0R'W:=1'STEP'1'UNTIL'P'DO''BEGIN'
S:=S+(PH[W,5]*(1+2*F[W,1]/X[1,N])/(F[W,1]/X[1,N]+1+X[2,N]*F[W,2]) + 
F[W,3]-PH[W,4])T2;
'END"
X[3,N]:=S;
'END';
X[l,l]:=READ;X[2,l]:=READ;
PRINT(X[l,l] ,0,3) ;PRINT(X[2,l] ,0,3) ;NEWLINE(2) ; 
'F0R'W:=1'STEP'1'UNTIL'P'D0''BEGIN'
PH[W,l]:=READ;
PH[W,2] :=READ
PH[W,3] :=EXP(-2.3026*PH[W,2]);
PH[W,4] :=HI/(l+VI/PH[W,lJ);
PH[W,5] :=AI/(l+PH[W,l]/VI);
F[W,l] :=0.8*PH[W,3];
F[W,2] :=2/PH[W.3];
F[W,3] :=PH[W,3J/0.8;
F[W,5]:=0;
'END';
N:=l;
NEW:
'F0R'W:=1'STEP'1'UNTIL'P'D0''BEGIN'
HA: =PH [W, 5] / (F [W, 1] /X [1 ,N] +1+X [2 ,N] *F [W, 2] ) ;
A2:=HA*X[2,N]*F[W,2] ;
S: =PH [W, S]+(F [W, 3] +HA+PH [W, 4] ) / 2+2*A2;
'IF'ABS(S-F[W,5])<0,0001'THEN " GOTO'FZ;
F[W,S]:=S;
S:=SQRT(S);
S:=EXP(-1.172*(S/(1+S)-0.3*F[W,5]));
F[W,1] :=S*PH[W,3] :
F [W, 2]: =1/ (PH [W, 3] *ST3);
F[W,3]:=PH[W,3l/S;
W:=W-1;
FZ:'END'•
'IF'E<Z'THEN " GOTO'OUT;
X[l,3] :=X[l,N];
X[l,2] :=X[1,3] *(1+0.01*E);
X[l,l]:=X 1,3 *(1-0,01*E);
S:=X[2,N];
X[2,3] :=S*(1+0.011S5*E);
X[2,2] :=X[2,1] :=S*(l-0.a):,77*E);
'FOR'V:=l'STEP'l'UNTIL'3'DO''BEGIN'
PTT(V);
'END';
T:=C:=0•
MAX:N:=1;1 IF'C<100'THEN''GOTO 'MIN ;C: =C+1;1 GOTO1BM;
AM:N:=W
BM:1 FOR' W:=N+1'STEP11'UNTIL'3'DO''BEGIN' 
fIF'X[3,W]>X[3,N] 'THEN' 'GOTO'AM'END';
'IF'T=N'THEN' 'BEGIN'N:=1;' GOTO'MIN'END';
X[1,N] :=X[l,l]+X[l,2]+X[l,3]-2*X[l,N] ;
X 2,N :=X[2,1 +X[2,2]+X[2,31-2*X[2,N ;
PTT(N) ;T:=N;N:=1; 'GOTO'MAX;
CM:N:=W;
MINl'FOR'W^N+l'STEP'l'UNTIL'S'DO' 'BEGIN'
'IF'X[3,W]<X[3,N] 'THEN' 'GOTO'CM'END'; 
X[3,N]:=SQRT(X[3,N]/(P-1));
NEWLINE(2);
’FOR' W :=1'STEP'1'UNTIL'3'DO''BEGIN'
PRINT(X[W,N] ,0,3) ;
'END';
PRINT(C,3,0);
E:=E/2*
' IF'E>Z'THEN " GOTO'NEW;
'FOR'W:=1'STEP'1'UNTIL'P'DO " BEGIN'
F[W,4] :=F[W,5];
'END1;
'GOTO'NEW;
OUT:
PTT(N);
X[3,N]:=SQRT(X[3,N]/(P-1));
NEWLINE (4);
'FOR1W:=11STEP'-'UNTIL'3'DO " BEGIN'
PRINT(X[W,N],0,4);
'END';
NEWLINE(2);
S:=-0.4343*LN(X[l,N]);
DV:=-0.4343*LN(X[2,N]);
PRINT(S,0,4);
PRINT(DV,0,4);
NEWLINE(2):
'FOR'W:=1'STEP'1'UNTIL'P'DO''BEGIN'
S:PH[W,5]*(l+2*F[W,l]/X[l,N])/(F[W,l]/X[l,N]+l+X[2,N]*F[W,2])
+F[W,3];
DV:=S-PH|W,4|;
E:=S*VI/(HI-S);
PRINT(PH[W,l],0,4);SPACE(3);
PRINT(E,0,4);SPACE(3);
PRINT(Ftw,4],0,4);SPACE(3);
PRINT(F[W,5],0,4);SPACE(3);
PRINT(PH[W,4],0,4);SPACE(3);
PRINT(S,0,4);SPACE(3);
PRINT(DV,0,3);
NEWLINE(1);
'END';
NEWLINE(4);
'FOR'W: =1'STEP'1'UNTIL'P'D0"BEGIN'
S:=SQRT(F[W,S]);
F2:=1/fI0+(-2.036*(S/(1+S)-0.3*F[W,S])))-F[W,2]*PH[W,4];
S:=(PH[w,4]-PH [W ,5]-F[W ,3])/F2;
DV:=(F[W,3]*(2*PH[W,5]+F[W,3]-PH[W,4]))/F2;
PRINT(PH[W,31,0,4);SPACE(3);
PRINT(PH[W,5],0,4);SPACE(3);
PRINT(F[W,1],0,4);SPACE(3);
PRINT (F 
PRINT (F
W,2
W,3
,0,2) ;SPACE(3); 
,0,4);SPACE(3); 
;SPACE(3);PRINT(S,0,4^
PRINT(DV,0,4);
NEWLINE(1)’END’;
'FOR’W :=11 STEP'11UNTIL'P'DO''BEGIN'
PRINT (PH [W, 2] ,0,4);
NEWLINE(1);
'END';
NEWLINE(4);
PRINT(VI,0,4) ;PRINT(AI,0,4) ;PRINT(HI,0,4); 
'END';
P:=READ;'IF'P=0'THEN''GOTO'DNE 
PAPERTHROW; ’ GOTO'GO;
DNE;'END';
'END';
Order of data for Program No. 3
No. of points (No. of pH chosen) 
Volume of titre
5.0 0.1
Volume of HC£ added (ml)
Example of data for Program No. 3
Concentration of ketomalonate 
Concentration of titrant (HC£) 
Estimated values of Ki, K2
pH of the solution
10.0 0.005
1.0 4.60
2.0 4.205
3.0 3.925
4.0 3.69
5.0 3.475
6.0 3.300
7.0 3.150
8.0 3.03
9.0 2.94
10.0 2.86
0.0
20 0.01891 5.0 0.1 0.00434 0.000805
*1 k 2 Std Dev
1.60338, -3 9.30298, -5 1.14678, -.4
pK2
2.79508, 0 4.03148, 0
Corrected
Vol of HC£ Vol HC£ I(meas) I(calc) H(obs)
1.0000& 0 8.91928, -1 1.35738, -2 1.35738, -2 9.00388, -4
2.00008, 0 1.88168, 0 1.22168, -2 1.22168, -2 1.71898, -3
3.00008, 0 2.94498, 0 1.10268, -2 1.10268, -2 2.46638, -3
4.00008, 0 4.04128, 0 1.00208, -2 1.00208, -2 3.15138, -3
5.0000& 0 5.19148, 0 9.20328, -3 9.20328, -3 3.78168, -3
6.00008, 0 6.22208, 0 8.77398, -3 8.77398, -3 4.36348, -3
7.00008, 0 7.21638, 0 8.53458, -3 8.53458, -3 4.90218, -3
8.0000& 0 8.09878, 0 8.43828, -3 8.43828, -3 5.40238, -3
9.00008, 0 8.79668, 0 8.43288, -3 8.43288, -3 5.86808, -3
1.00008, 1 9.49168, 0 8.47528, -3 8.47528, -3 6.30278, -3
H(calc) Dev %
8.07228, -4 -9.3168, -5
1.62598, -3 -9.3028, -5
2.42678, -3 -3.9518, -5
3.17838, -3 2.7018, -5
3.89658, -3 1.1498, -4
4.48658, -3 1.2328, -4
5.01348, -3 1.1138, -4
5.44878,-3 4.7428, -5
5.77598, -3 -9.2098, -5
6.08538, -3 -2.1738, -4
aH+(obs)
■eS fKetomalonatel V £" £/aH+f
;2“
2.51178, -5 4.60008, 0 4.76198, -3 2.23328, -5 5.668, 4
6.23708, -5 4.20508, 0 4.54558, -3 5.57428, -5 2.258, 4
1.18848, -4 3.92508, 0 4.34788, -3 1.06738, -4 1.168, 4
2.04168, -4 3.69008, 0 4.16678, -3 1.84168, -4 6.678, 3
3.34958, -4 3.47508, 0 4.00008, -3 3.03278, -4 4.028, 3
5.01168, -4 3.30008, 0 3.84628, -3 4.54708, -4 2.678, 3
7.07918, -4 3.15008, 0 3.70378, -3 6.43048, -4 1.888, 3
9.33218, -4 3.03008, 0 3.57148, -3 8.48108, -4 1.438, 3
1.14818, -3 2.94008, 0 3.44838, -3 1.04348, -3 1.168, 3
1.38038, -3 2.86008, 0 3.33338, -3 1.25428, -3 9.668, 2
X Y
2.82498, -5 7.87408, -5 -4.94758, -9
6.97858, -5 7.81978, -5 -1.40218, -8
1.32338, -4 7.42808, -5 -3.10508, -8
2.26348, -4 6.36078, -5 -6.27088, -8
3.69948, -4 4.28738, -5 -1.23698, -7
5.52378, -4 3.45158, -6 -2.10578, -7
7.79338, -4 -5.39298, -5 -3.29448, -7
1.02698, -3 -1.28718, -4 -4.54948, -7
1.26338, -3 -2.16448, -4 -5.41888, -7
1.51918, -3 -3.13928, -4 -6.19258,-7
X U l i X ^ U  t ± u i l
Constants of Ketomalonic Acid
List of Program No 4
■BEGIN" INTEGER'P,
M,N,T,W,V,C;
'REAL'E,Z,S,DV,
HA,A2,
FI,AH,A;
P:=READIF’P=0' THEN " GOTO'DNE;
GO:A:=READ;Z:=READ;
'BEGIN' 'ARRAY'X[l:6,l:4],
PH[1:P,1:S],
EE,H1,H2[1:P];
■PROCEDURE'ION(N);'INTEGER'N;
'BEGIN'S:=0;
'F0R'W:=1'STEP'1'UNTIL'P'D0"BEGIN'
S:=S+(((X[l,N]*Hl[W]/X[2,N]+X[3,N]+X[5,N] *X[4,N]/H2[w])/ 
(HI [W] /X [2 ,N] +1+X [4 ,N] /H2 [W])-EE [W]) /EE [Wj) +2;
'END';
X[6,N]:=SQRT(S/(P-1));
'END';
'FOR'W :=1'STEP'1’UNTIL'S'DO " BEGIN'
X[W,1]:=READ;PRINT(X[W,1],0,3)'END';
X[l,4] :=X[1,3] :=X[l,2] :=X[1,1];
X[5,4] :=X[5,3] :=X[5,2] :=X[5,lj; 
'F0R'W:=1'STEP'1'UNTIL'P'D0''BEGIN'
PH[W,lJ :=READ;PH[W.2] :=PH[W,4] :=READ;
EE[W]:=READ;PH[W,3j:=READ'END'; 
'F0R'W:=1'STEP'1'UNTIL'P'D0''BEGIN'
S:=SQRT(PH[W,2]);
FI:=EXP(-1.172*(S/(1+S)-0.3*PH[W,2J)); 
PH[W.5]:=EXP(-2.3026*PH[W,l]);
Hl[wl:=F1*PH[W,S];
H2[W]:=PH[W,5]*Flt3;
'END';
NEWLINE(4);
' FOR'W: =1' STEP' 1'UNTIL' P' DO" BEGIN'
HA: =PH [W, 3] / (HI [W]/X [2,1]+1+X [4,1]/H2 [W]);
A2:=X[4,1]*HA/H2 W ;
S:=PH[W,2]+PH[W,3]+HA/2+2*A2;
PRINT(S,0,3);
'IF'ABS(S-PH[W,4])<l&-5'THEN " GOTO'FZ;
PH|W,4|:=S;
S:=SQRT(S);
FI:=EXP(-1.172*(S/(1+S)-0.3*PH|W,4|));
HI [W]: =F1*PH fW, 5];
H2 [W] : =PH [W, 5] *Flt3;
W:=W-1;
'GOTO'FY;
FZ:NEWLINE(1);
FY:'END';
E:=A;N:=1;
NOW:
X[2,ll:=X[2,N];
X[3,1]:=X[3,2]:=X[3,N);
XT4,1] :=X[4,2] :=x[4,3] ;
X[2,2] :=X[2,1]*(1+0,02*E);
X[2,'3] :=X(2,4] :=X[2,l]*(l+0,01*E);
X[3,3) :=X[3,1)*(1+0,01732*E);
X[3,4]:=X[3,1]*(1+0,00577*E);
X[4,4] :=X[4,1]*(1+0.01633*E);
T:=C:=0;
'FOR’V^l'STEP'l'UNTILM'DO' 'BEGIN1 
ION(V) ;
'END’;
MAX: ’IF’OIOO'THEN’ 1 GOTO'MIN ;C:=C+1;
'GOTO'BM;
AM:N:=W;
BM:'FOR'W: =N+1'STEP11'UNTIL’ 4'DO’1 BEGIN’ 
,IFlX[6,Wj>X[6,N] 'THEN''GOTD’AM’END’;
' IF’T=N'THENf fBEGIN'N:=l; ’GOTO’MIN’END' ;T:=N; 
•FOR'W^Z’STEP’l'UNTILM'DO1 ’BEGIN1 
X [W,N] : = (X [W, 1] +X [W, 2] +X [W, 3] +X [W,4] -X [W,N])*2/3-X[W,N] 
'END';
ION (N);
N:=l;'GOTO’MAX;
CM: N :
M I N F O R 'W :=N+1'STEP'1'UNTIL'4'DO " BEGIN'
1IF'X[6 ,W]<X|6 ,N|'THEN''GOTO'CM'END';
NEWLINE(1);
'FOR'W:=1'STEP'1'UNTIL'6 'DO " BEGIN'
PRINT(X[W,N] ,0,3) 'END';
PRINT(C,3,0);
E;=e/2•
' iF'E>Z'THEN"GOTO'NOW;
NEWLINE(4);
'F0R'W:=1'STEP'1'UNTIL'P'D0"BEGIN'
S:=(Xf 1 ,N] *H1 [Wj/X[2,N] +X[3,N] +X[4,N] *X[5,N] /H2 [W]) /
(HI [W]/X [2 ,Nj+1+X [4 ,N]/H2 [W]) ;
DV: =100* (S-EE [ W]) /EE [ W] ;
PRINT(PH[W,1],1,3);SPACE(4);
PRINT(PH[W,3],0,4);SPACE(4);
PRINT(PH[W,2],0,4);SPACE(4);
PRINT(PH[W,4],0,4);SPACE(4);
PRINT(EE[W] ,0,4) ;SPACE(4);
PRIN1(S,0,4);SPACE(4);
PRINT(DV,2,1);
NEWLINE(1);
'END';
NEWLINE(2);
'FOR'W:=1'STEP'1'UNTIL'6 'DO " BEGIN'
PRINT(X|W,N|,0,4)'END';
NEWLINE(2);
X[2,N]:=-0.4343*LN(X[2,N]);
X[4,N]:=-0.4343*LN(X[4,N]);
PRINT(X[2,N] ,0,4) ;SPACE(4);
PRINT(X[4,N],0,4);
'END1;
P :=READ;'IF'P=0'THEN "  GOTO'DNE;
PAPERTHROW;'GOTO'GO;
DNE:'END';
'END';
Order of data for Program No. 4
No. of experimental points (no. of pH chosen) 4.0 
Estimated values of ei, Ki, e2, K2, e3
pH of Strength of hydrochloric Molar extinction Concentration of
solution acid in solution or coefficient of ketomalonate in
buffer concentration solution solution
Example of data for Program No. 4
14 4.0 0.05
201.30 0.007590 306.100 0.00007225 1140.00
0.850 0.18908 208.500 0.0020
0.970 0.1323 207.00 0.0020
1.12 0.0945 210.75 0.0020
1.42 0.0472 227.00 0.0020
1.54 0.0378 229.00 0.0020
1.87 0.0189 248.500 0.0020
2.20 0.00945 266.75 0.0020
2.55 0.00472 298.00 0.0010
2.91 0.00236 343.50 0.0010
3.62 0.0094 519.00 0.0010
4.31 0.00028 843.13' 0.0008
4.61 0.00018 944.38 0.0008
4.84 0.00004 1000.88 0.0008
5.95 0.00000 110.25 0.0008
0.0
Computer print-out for data of Program No. 4 
Cl Ki 02 K2 03
2.0138, 2 7.5908, -3 3.061& 2 7.22S& -5 1.1408, 3
I of HC£ or
pH [Ketomalonate] buffer Total I exp
0.850 2.00008,-3 1.8908& -1 1.91158, -1 2.08508, 2
0.970 2.0000& -3 1.32358,-1 1.34448, -1 2.07008, 2
1.120 2.00008. -3 9.45408, -2 9.66548, -2 2.10758, 2
1.420 2.00008, -3 4.72708, -2 4.94678, -2 2.27008, 2
1.540 2.00008, -3 3.78108, -2 4.00538, -2 2.29008, 2
1.870 2.00008, -3 1.89008, -2 2.13038, -2 2.48508, 2
2.200 2.00008,-3 9.45408, -3 1.20558, -2 2.66758, 2
2.550 1.00008,-3 4.72008, -3 6.12968, -3 2.98008, 2
2.910 1.00008, -3 2.36008,-3 3.88188,-3 3.43508, 2
3.625 1.00008,-3 9.40008, -4 2.82008,-3 5.19008, 2
4.310 8.00008,-4 2.80008, -4 2.23688, -3 8.43138, 2
4.610 8.00008, -4 1.80008, -4 2.3093& -3 9.44388, 2
4.840 8.00008, -4 4.00008, -5 2.26448, -3 1.00888, 3
5.945 8 .OOOO8, -4 0.00008, 0 2.38158, -3 1.10258, 3
£calc £^calc~£exp^ 0
2.08448, 2 -0.0
2.10378, 2 1.6
2.13488, 2 1.3
2.22578, 2 -2.0
2.27588, 2 -0.6
2.45618, 2 -1.2
2.6947& 2 1.0
2.9978& 2 0.6
3.4167& 2 -0.5
5.2073& 2 0.3
8.32488. 2 -1.3
9.5207& 2 0.8
1.0181& 3 0.9
1.1290& 3 2.4
Ki_ £2
2.0125& 2 7.7935& -3 3.0491&
Std Dev PKi pK2
1.2571& -2 2.1083& 0 4.1405&
K,
7.2368&
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